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Abstract 
 Hydrogen peroxide is a chemical with growing industrial relevance but is plagued with 
high production costs. There are several compelling alternatives to produce H2O2, and most 
revolve around the 2-electron oxygen reduction reaction. There is a large amount of foundational 
research on the mechanisms and theoretical aspects of electrochemically reducing oxygen to form 
H2O2, but this production method remains to be implemented on the industrial scale due to a lack 
of effective catalysts. Explored here are alternative H2O2 production methods involving the 2-
electron reduction of O2. Specifically, photoelectrochemical, electrocatalytic, and thermal catalytic 
methods are investigated further to draw out necessary catalyst properties and design parameters 
for producing H2O2. Each catalytic system is analyzed under the lens of electrochemically 
detecting H2O2 that is catalytically produced. Electrochemical analysis of these catalytic systems 
provides the added advantage of being able to utilize high throughput screening techniques to 
quickly discover and test novel catalyst compositions. Optimal catalyst design parameters are 
identified for each H2O2 production method and these parameters can be assessed over several 
catalyst compositions through high throughput electrochemical screening. The research presented 
here acts as a basis for further improvements onto these already compelling H2O2 production 
methods. 
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Chapter 1: 
Alternative H2O2 production methods 
1.1. Abstract 
New, less expensive methods of producing hydrogen peroxide are required for it to be 
utilized as a green oxidant in the chemical industry. The most attractive alternatives to be discussed 
in more detail below are electrocatalytic, photocatalytic, and thermal catalytic production of H2O2. 
All of these methods involve reducing O2 over a catalytic surface in some capacity and each present 
their own set of advantages to producing H2O2 at lower costs. 
1.2. Hydrogen peroxide production for industrial applications 
Hydrogen peroxide (H2O2) is a promising green oxidant that has several prospects in the 
chemical industry. Due the benign nature of its byproducts (H2O, O2), H2O2 is poised to supplant 
chlorinated oxidants which can produce chloroform, chlorinated hydrocarbons, or dioxins as 
byproducts.1-3 Several industrial processes (pulp and paper bleaching, textile bleaching, 
wastewater treatment, synthesis of fine chemicals, etc.) utilize chlorinated oxidants which lead to 
the formation of several harmful byproducts such as chloroform, chlorinated hydrocarbons, or 
dioxins.1,4-6 H2O2 is an environmentally benign alternative because the only byproducts from 
oxidations involving H2O2 is water and oxygen. Additionally, H2O2 has been shown to be useful 
for the selective oxidation of short chain alkanes (methane, ethane) to their mono-oxygenated 
counterparts (methanol, ethanol).7,8 These innovative reactions can revolutionize methanol and 
ethanol production by replacing current inefficient processes9,10 with more selective and efficient 
methods involving H2O2. However, despite the numerous chemical processes H2O2 can improve 
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upon, it is not implemented due to prohibitive costs. Therefore, a new production method must be 
adopted if H2O2 is to be utilized more frequently in the chemical industry.  
H2O2 is currently produced on the industrial scale using the anthraquinone autoxidation 
method (AO), shown in Figure 1.1. The AO process produces H2O2 by reducing anthraquinone to 
a hydroquinone counterpart via H2 treatment over a catalyst. When exposed to oxygen, this 
hydroquinone is oxidized back to the active anthraquinone species and produces H2O2 as a 
byproduct (Figure 1.1). There are three major factors that are intrinsic to this production method 
that lead to high costs of H2O2. These factors are separation/purification costs, costs of transporting 
H2O2, and overall efficiency of the process.2 The H2O2 that is produced from the AO process needs 
to be separated from the anthraquinone and organic solvent that the reaction takes place in. These 
isolation and purification steps result in very complicated reactor designs that lead to much higher 
costs of production. In terms of scale of production, the AO process is only economically viable 
on very large scales (~2 x 105 tons H2O2 year-1).2 This leads to the centralization of the production 
of H2O2 because one plant produces ample H2O2 for any application. This then requires that the 
H2O2 is transported to whichever site where it is to be utilized, thus adding further costs due to 
specific regulations on transporting strong oxidants. The most economically feasible manner to 
transport H2O2 is to do so in a concentrated form (30 wt%) in stainless steel containers that need 
to be thoroughly cleaned with nitric acid to prevent any unwanted reactions between H2O2 and any 
impurities in the storage tank. Finally, the overall efficiency of the AO process is also fairly low 
which leads to more costs. Specifically, the reduction of the anthraquinone can lead to several 
different byproducts that are not the hydroquinone species. For instance, a hydroxyquinone species 
can form and the oxidation of this chemical does not lead to the formation of H2O2. All of these 
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byproducts must be converted back into the initial anthraquinone species, which leads to additional 
components in an already complicated reactor design. 
There have been examples in recent years of emerging technologies that make H2O2 less 
costly to utilize. One technology that successfully circumvented the transportation costs associated 
to H2O2 is the BASF/Dow hydrogen peroxide propylene oxide (HPPO) plant.11 At this plant, H2O2 
made from the AO process is directly used as an oxidant to carry out the conversion of propylene 
to propylene oxide, a valuable polymer precursor chemical. However, while the process 
successfully removes transportation costs, it remains infeasible to implement on smaller scales. 
An ideal alternative to the AO process would be one that requires little to no separations, can be 
more easily implemented near or at the location in which the H2O2 will be used, and is highly 
selective toward producing H2O2. 
1.3. Alternative H2O2 production methods 
1.3.1. Photoelectrocatalysis 
There have been reports of several alternatives to the AO process including 
photoelectrocatalysis, electrocatalysis, and direct synthesis. The literature on 
photoelectrochemical production of H2O2 typically involves a material that both absorbs light and 
carries out the conversion of O2 to H2O2.12-14 The most common example of photoelectrochemical 
production of H2O2 is through the use of TiO2 nanoparticles that absorb light to form excited 
electron-hole pairs. The electrons are used to reduce O2 to form H2O2 and the holes go to a 
sacrificial reagent added to solution (ethanol, Cu+).12,13 The biggest issues with this method are the 
relatively low yields of H2O2 and the fact that a sacrificial reagent must be added in order for the 
process to effectively produce H2O2 at all. There is also the question of stability of H2O2 that is 
 4 
 
produced in the presence of the sacrificial reagent. Species such as ethanol and Cu+ are readily 
oxidized, and will likely oxidize in the presence of H2O2, thus adding another complication to this 
process of utilizing TiO2 semiconducting nanoparticles. Also, the presence of such sacrificial 
reagents does not eliminate the requirement for separation and purification steps downstream in 
this production process, which makes it difficult for this approach to compete with the AO process. 
In recent years, much more compelling reports of photoelectrochemical production of H2O2 
have been published and involve using g-C3N4 components to absorb visible light to drive H2O2 
production.14 This report utilizes metal free catalysts in the form of graphitic carbon nitride and 
also is advantageous from a light absorbing perspective. Traditionally used n-type semiconducting 
nanoparticles such as TiO2 have a band gap that limits their light absorption to the UV region of 
light, while the g-C3N4 catalysts can absorb well into the visible spectrum, as is demonstrated in 
the study. Visible light absorption of an H2O2 photocatalyst is an important characteristic when 
considering the bond stability of H2O2. It is well known that the O-O bond in peroxide species 
photodissociates in the presence of UV light. Therefore, it would be deleterious for a H2O2 
photocatalyst to require UV light, when the same light source would inevitably degrade any H2O2 
formed in this process. The biggest disadvantages to this production method are that the g-C3N4 
still rely on sacrificial reagents and are also possess poor light conversion efficiencies. Due to the 
poor activity under illumination, this process produces a solution of H2O2 that is 30 µmol after 12 
h of reaction time. This is extremely low when considering traditional industrial processes utilize 
concentrations of H2O2 at about 30 wt.%, or about 10 M. The utilization of photocatalysts to 
produce H2O2 would be most effective if the process could utilize more efficient light absorbers, 
but also remove the issue of H2O2 photodissociating in UV light. 
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1.3.2. Electrocatalytic reduction of O2 
A more common alternative H2O2 production method is the electrocatalytic reduction of 
O2. The Dow process is an industrial H2O2 production method based on electrocatalysis and it 
involves the reduction of O2 to form H2O2 at a carbon-based cathode while an anode half-cell 
carries out oxygen evolution.15 This method generates a ~2.1% w/w H2O2 product with 95% 
current efficiency. The biggest limitation to this approach is the use of a resistive ionic membrane 
to separate the anode and cathode half cells, which leads to rather low production rates of H2O2. 
Additionally, the catalysts used are simple carbon-based materials with the intention of minimizing 
cost of the overall system. While generally selective toward H2O2, carbon-based catalysts typically 
display higher overpotentials toward ORR compared to other, more state-of-the-art catalysts. 
Decreasing the catalyst overpotentials while maintaining the cost effectiveness introduced by 
carbon-based catalysts would be of great interest. 
In order to better understand how H2O2 is formed through ORR, knowledge of the 
mechanism is paramount. However, this topic has been one of great discussion for decades, and 
there is still no generally accepted rate determining mechanistic steps to how ORR occurs on an 
electrocatalytic surface. It is rather difficult to pin down one dominant mechanism that presides 
over ORR, as the Tafel slope for the reaction is both pH and potential dependent.16 The Tafel slope 
for a given catalyst changes with pH and overpotential, which implies different rate determining 
steps in each scenario. Despite the lack of consensus on a detailed microkinetic model for ORR, it 
is generally accepted is that the mechanistic step that leads to H2O formation instead of H2O2 
formation involves splitting the O-O bond in O2.16-19 The most commonly discussed kinetic steps 
are shown below: 
OOH* + e- + H3O+  OOH-* + H3O+      (1.1) 
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OOH* + e- + H3O+  OH- + O* + H3O+     (1.2) 
Where reaction 1.1 depicts the preservation of the O-O bond, ultimately leading to the formation 
of H2O2, and in reaction 1.2 the O-O bond is cleaved leading to the formation of H2O. The 
selectivity for a given catalyst to carry out reaction 1 and form H2O2 is a thoroughly researched 
area in the electrocatalytic literature. Figure 1.2 shows the selectivity of commonly used catalyst 
materials to carry out H2O2 conversion. Metals like Au and Pd are generally referred as “good” 
H2O2 catalysts while materials like Pt are well-known to predominately carry out the 4-electron 
reduction of O2. It has been shown through kinetic isotope effects that catalysts that form H2O2 
tend to have rate determining steps involving proton-coupled transfer reactions.20 Specifically, it 
is postulated that the electron transfer kinetics from the catalyst to O2 must be slower than the 
proton transfer kinetics in order for H2O2 to form more preferentially than H2O. These observations 
are both useful for guiding catalyst design for catalysts that demonstrate higher H2O2 yields. A 
catalyst that is selective towards H2O2 formation would therefore operate in a way that preserves 
the O-O bond and there are a number of methods in the electrocatalytic literature to achieving this 
goal. 
The other methods employed to increase H2O2 selectivity is through the use of ensemble 
and electronic effects.17,21-23 Ensemble effects refer to diluting active metals in a “sea” of relatively 
inactive metals. The rationale behind this is to limit the number of sites to which O2 can bind, thus 
inhibiting the catalyst’s ability to split the O-O bond and forcing it to only produce H2O2. Ensemble 
effects are a means of reducing chemical dissociation of OOH* to OH* and rely on the presence 
of relatively inactive metals that are stable across a large potential range and do not corrode into 
solution. Common candidates to fulfill the goals of ensemble effects are metals such as Au or Hg. 
Both of these metals display low catalytic activity toward ORR at low overpotentials, making them 
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an efficient diluent for more active metals such as Pt or Pd. Ensemble effects are also achievable 
without the utilization of metal atoms, as is shown with Co or Fe porphyrin species. These catalysts 
are selective towards H2O2 formation because the most catalytically active sites towards O2 are the 
metal centers, which are far from each other in space due to the nitrogen and carbon-based ligands 
separating them. Although these catalysts are show high selectivity and reactivity towards H2O2 
formation, they are plagued with poor stability as the N4 ligands are prone to degradation from 
H2O2. 
The other method by which researchers control H2O2 yield is through electronic effects. 
This refers to a thermodynamic phenomenon in which a metal active towards O2 reduction is 
alloyed with an electron withdrawing metal. The aim of this approach is to control the binding 
energy of the O2 active metal to prevent it from interacting with O2 too strongly and splitting the 
O-O bond.17 The electrocatalytic community typically refers to volcano plots showing the binding 
energy of OOH* and OH* to discuss this concept. It generally accepted that if an electrocatalyst 
binds the OOH* intermediate more strongly than the OH* intermediate, then the catalyst will be 
more selective toward H2O2 formation.17 In the electrocatalytic H2O2 production literature, these 
ensemble and electronic effects are often employed, with some of the most efficient catalysts 
reported being PdAu, PdHg, and PtHg alloys.17,21,24 
1.3.3. Direct Synthesis from O2 and H2 
Among the most compelling alternatives to the AO process is the direct synthesis (DS) of 
H2O2 from elemental forms of hydrogen and oxygen. This process produces H2O2 in an aqueous 
solution with minimal use of separations and organic solvents.2,3,25,26 The direct synthesis process 
has also been shown in an economic analysis to be more viable than the AO process on smaller 
scales of production.3 Therefore, direct synthesis is a strong contender for supplanting the AO 
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process since it can be implemented on site and produces H2O2 with less energy and more 
economic efficiency. However, low H2O2 conversion efficiencies plague DS when the process is 
carried out in neutral conditions and the most effective catalysts utilize noble metals such as Pd 
and Au.26  
New efficient and inexpensive catalysts must be utilized in order for DS to gain traction in 
the chemical industry. When considering the design of these catalysts, knowledge of the 
mechanism by which H2O2 is formed in DS is paramount. The topic of H2O2 formation mechanism 
in direct synthesis has received a great deal of attention over the years and there is still no one 
single mechanism that is generally agreed upon. The most predominantly suggested mechanism is 
based on Langmuir-Hinshelwood type kinetics in which H2 and O2 both bind to a catalyst, interact 
on the surface to form H2O2, and detach from said catalyst.27-29 There are many detailed studies 
that perform kinetic analyses to determine how H2O2 formation rates depend on H2 and O2 
concentrations. Other reports vary the type of reactors in which H2O2 is formed via direct synthesis 
and identify kinetically relevant steps in the reaction.30 Despite this vast amount of research, it is 
difficult to say that all the performed experiments suggest the presence of this type of mechanism. 
There has also been significant computational research done on direct synthesis to 
determine important catalytic factors that determine H2O2 yields.31,32 Such studies have identified 
that the most kinetically relevant steps in direct synthesis are how the catalyst binds O2 and how 
this binding affects the retention or splitting of the O-O bond. Such observations have been 
supported by the fact that alloying typical direct synthesis catalysts (e.g. Pd) with metals that 
withdraw electron density (e.g. Au) result in an increase in H2O2 selectivity. This is similar to the 
ensemble and electronic effects utilized in the electrocatalytic literature. 
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An alternative H2O2 formation mechanism that has been proposed in direct synthesis is that 
the H2O2 is formed through proton-coupled electron transfers (PCETs). This mechanism follows 
a Langmuir-Rideal type scheme in which the O2 binds to the direct synthesis catalyst and interacts 
with protons in solution to form H2O2. Initial reports of this mechanism were rather incomplete 
because they proposed proton-coupled electron transfers because it was observed that a more 
oxidized Pd surface carried out H2O2 formation more rapidly.33 Because of this, the authors 
proposed that H2 does not bind at all. A more complete analysis of this mechanism was reported 
in recent years in which it was proposed that H2O2 is formed from O2 in direct synthesis through 
a proton-coupled electron transfer, and the H2 provides the chemical potential needed to drive this 
reaction.34 In this study, aspects such as H2/O2 partial pressures, pH, and the type of solvent (protic 
or aprotic) were altered, and all results suggested the presence of a mechanism involving H2 
oxidation acting as the driving force for a PCET. For instance, it was observed that all H2 formation 
rates were unmeasurable in aprotic solvents and in the absence of H2. This suggests that protons 
are required for the PCET and the H2 is required to provide the potential necessary to drive this 
reaction. From an electrochemical point of view, it can be stated that in direct synthesis, the catalyst 
is carrying out the hydrogen oxidation reaction (HOR) and 2-electron oxygen reduction reaction 
(ORR) in concert.34 This proposed mechanism presents an interesting opportunity to capitalize 
upon the electrochemical literature to guide catalyst design in direct synthesis. For instance, based 
on this hypothesis, it should be possible to measure electrochemical kinetic parameters and 
correlate it to catalysts performing direct synthesis. Shown in Figure 1.3 is the effect of these 
electrochemical parameters. The rate constants, k0, determine the overpotential range for the 
catalyst to carry out HOR and ORR. The amount of overlap between these two reactions should 
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be intimately related for a given catalyst’s ability to carry out direct synthesis. Further research on 
this topic is discussed in depth in Chapter 4. 
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1.4. Figures 
 
 
Figure 1.1 Schematic for the anthraquinone process of forming H2O2. Not shown here is the 
multitude of undesired hydroquinone and oxanthrone species that form upon exposing the 
anthraquinone to a reductive treatment (H2). For each of these deleterious side products, there is a 
process required to reform the initial anthraquinone species to react again, which further increases 
the energy requirements of this process. 
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Figure 1.2 Plot of number of electrons transferred in ORR as a function of potential for various 
catalysts. The data shown here is specific to 0.1 M H2SO4 electrolyte. This analysis is especially 
important for catalysts like Pd because the H2O2 selectivity of Pd changes drastically as a function 
of overpotential. The methods by which these plots are generated are discussed in more detail in 
Chapter 2. 
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Figure 1.3 Shown here is the impact of electrochemical kinetics (k0) on the overpotential for ORR. 
In this case, it would be advantageous for a catalyst to exhibit facile kinetics (dark blue ORR trace) 
in order to maximize overlap in activity for ORR and HOR. 
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Chapter 2: 
Electroanalytical methods for H2O2 detection: Quantifying kinetics for ORR and 
electrochemical detection of H2O2 
2.1. Abstract 
Detailed here is the analytical aspects that act as a foundation for studies performed in 
future chapters. Because each of the alternative H2O2 production methods of interest all involve 
the electrochemical reduction of O2, the kinetics of each type of catalyst were quantified with 
similar electrochemical methods.  Additionally, in each of the alternative H2O2 production 
methods of interest, the H2O2 is detected electrochemically as this method enables in situ and 
quantitative detection that is not possible with other methods. The electrochemical detection of 
H2O2 is described in experimentally relevant setups such as scanning electrochemical microscopy 
and rotating disk electrode methods. 
2.2. Electrochemical quantification of ORR kinetics 
2.2.1. Rotating disk electrode methods 
 Rotating disk electrode (RDE) methods are a commonly employed electroanalytical 
technique for quantifying relevant kinetic parameters. RDE methods involve rotating a bulk 
electrode fixed to a rotating shaft to generate a specific flow profile in which electroactive species 
is brought to the electrode surface in a controlled manner. As is shown in Figure 2.1, this results 
in a peak in current due to a growing diffusion layer that is commonly observed in quiescent 
solutions. In RDE, kinetic parameters are quantifiable through a Koutecky-Levich analysis. For 
systems displaying fast electron transfer kinetics, the current-potential profile in this setup behaves 
according to Butler-Volmer kinetics similar to quiescent systems at low overpotentials. However, 
 20 
 
upon reaching higher overpotentials to where the electrode reaches a mass transfer limit, which is 
described with the Levich equation.1 
ilim =  0.62nFADo2/3ν−1/6Co∗ω1/2      (2.1) 
Where i is current, n is number of electrons, F is Faraday’s constant, A is geometric area of 
electrode, Do is the diffusion coefficient, ν is the kinematic viscosity of the liquid in which the 
electrode is being rotated, Co* is the concentration of electroactive species in the bulk solution, and 
ω is the rotation rate of the electrode. This expression predicts a linear increase in limiting current 
with ω-1/2. This relation begins to break down at very high rotation rates for systems with rather 
sluggish electron transfer kinetics because the electrochemical reaction becomes limited by 
electron transfer kinetics rather than mass transfer. Despite the rotation rate and mass transfer to 
the electrode increasing, the transfer of the electron into or out of the electroactive molecule is too 
slow, and the current becomes limited by this phenomenon. For systems with rather sluggish 
kinetics, one can perform a Koutecky-Levich analysis1,2 (Figure 2.2B) to acquire kinetic 
parameters associated with the electron transfer. The underlying assumption for the Koutecky-
Levich analysis is that if the rotation rate affects the current at steady state (mass-transfer limited), 
then it likely affects the current at all potentials. This would result in an offset in current at every 
potential that takes the form shown below: 
          (2.2) 
Where iL is the current contributed from a typical Levich response, and iK represents the current 
that flows in the absence of mass transfer effects. Alternatively, ik can be defined as the current 
that would flow if the rotating electrode was able to maintain the bulk concentration of 
1i =  1iL + 1ik 
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electroactive species at the surface of the electrode (i.e. rotating infinitely fast). For 
electrochemical systems with fast electron transfer kinetics, a plot of i-1 vs. ω-1/2 will approach the 
origin in the limit of infinite rotation rate. This is because the electron transfer is occurring 
sufficiently fast and the system is able to maintain the bulk concentration of electroactive species 
at the surface of the electrode. However, if the system displayed sluggish electron transfer kinetics, 
as is the case for ORR, a plot of i-1 vs. ω-1/2 will have a non-zero intercept. Such a result is due to 
the fact that as the rotation rate approaches infinity, the system will be limited by the sluggish 
electron transfer kinetics. This current offset is referred to as ik and takes the following form:  ik =  nFAkfCo∗          (2.3) 
This kf value is a potential dependent parameter (as defined by Butler-Volmer kinetics). The 
potential independent standard rate constant, k0, can be quantified using kf using the Butler-Volmer 
expression shown below: 
kf =  k0e−αf(E−𝐸𝐸0)   or   ln(kf) = −αf(E − E0) + ln(k0)   (2.4) 
By acquiring this kf value at a variety of potentials and plotting it vs. E-E0 for ORR, it is possible 
to derive k0 and α. For the context of ORR electrocatalysts, these parameters are important to 
quantify as they represent a useful metric for the overall facility of a given catalyst’s ability to 
transfer electrons to O2. It is worthwhile to note that an electrochemical system must exhibit rather 
sluggish kinetics in order for this type of analysis to be possible. In systems with faster kinetics, 
the intercept in a Koutecky-Levich plot (i-1 vs. ω-1/2) will approach the origin, thus erroneously 
predicting infinitely fast kinetics for the system. 
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2.2.2. Scanning electrochemical microscopy 
Relevant kinetic parameters (k0 and α) are also able to be quantified through scanning 
electrochemical microscopy (SECM). SECM is a scanning probe technique that involves scanning 
an ultramicroelectrode (UME) over a substrate of interest.3 Through the feedback mode of this 
technique, one can quantify kinetic parameters. If the UME used in SECM is positioned over a 
conductive surface, the UME can experience positive feedback. For instance, if the UME is 
carrying out the reaction O + e-  R, and the conductive substrate is biased to carry out the 
oxidation of species R, the current of the UME will increase. The nature of this increase will be 
dependent on the substrate’s ability to perform the reverse reaction. Figure 2.3 shows example 
feedback responses for a UME over a substrate with different kinetics for performing positive 
feedback. Using established theory,4 these approach curves can be fit to acquire relevant kinetics 
parameters. The advantage of this technique over RDE is that SECM can probe much faster 
kinetics and is not limited to sluggish kinetic parameters like RDE. Specifically, RDE is unable to 
quantify rate constants (k0) values that exceed ~10-3 cm/s. A Koutecky-Levich analysis typically 
overestimates electron transfer rates for a system with facile (>10-2 cm/s) kinetics. Because SECM 
is able to probe much faster kinetics, and is able to efficiently quantify rate constants on the order 
of 10 cm/s. The biggest reason for this difference is because of mechanical limitations in RDE. In 
order to probe fast kinetics, the electrode must be rotated extremely fast to the RPM values that 
are not achievable with modern rotary motors. Of interest in this work is the ability of SECM to 
quantify the reactivity of a catalyst to perform oxygen reduction. 
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2.3. Electrochemical detection of H2O2 
2.3.1. Electrochemical sensors for H2O2 
There are a multitude of methods by which H2O2 can be detected in experiments involving 
these alternative production methods. Historically, spectroscopic methods such as UV-vis and 
electron paramagnetic resonance (EPR) have been the most commonly employed.5-7 In the 
research detailed here and in future chapters, H2O2 is always detected electrochemically. This has 
an advantage over other techniques in that the H2O2 can be detected in-situ while other methods of 
detection require that the solution containing H2O2 is transferred to some spectroscopic setup to 
be detected. The electrochemical detection of H2O2 has been studied on several different electrode 
materials such as Pt, Prussian blue, and others.8-12 In all the experiments here, Pt was used to detect 
H2O2 because it is stable in many different conditions and the most applicable as a H2O2 sensor. 
Other materials such as Prussian blue have been shown to be much more sensitive to changes in 
H2O2 concentrations, but this material is only stable in very acidic solutions, as the iron in Prussian 
blue preferentially binds to hydroxide ions.9 This causes the Prussian blue to dissolve very quickly 
in higher pH’s, thus making Prussian blue unsuitable for anything but acidic solutions 
The detection of H2O2 on Pt can be carried out either through oxidation or reduction of the 
H2O2. In the literature, the oxidation of H2O2 on Pt is much more well researched than the 
reduction.10,13 The oxidation of H2O2 on Pt is generally accepted to be mediated through a surface 
oxide on the Pt.10 The oxidation of H2O2 on Pt is very interesting in that it takes place in potential 
regions of oxide growth on Pt. It has been observed that cyclic voltammograms of Pt in a solution 
with H2O2 result in a shift of the onset potential for H2O2 oxidation to lower overpotentials on the 
return scan.10 This is because as the potential is scanned positive initially, a Pt oxide forms, and 
on the return sweep, this oxide causes the oxidation of H2O2 to be more favorable. Interestingly, 
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the mechanism for H2O2 oxidation on Pt is assumed to not involve a direct electron transfer to the 
H2O2 from Pt, as is evidenced by the shift of H2O2 oxidation to lower overpotentials after forming 
Pt oxide. It is assumed that the H2O2 reduces Pt oxides and it is the reformation of the Pt oxide that 
gives rise to an anodic signal. Additionally, the optimal potential to detect H2O2 has also been 
extensively addressed in the literature. An optimal potential to detect H2O2 is one that re-oxidizes 
surfaces sites rapidly as H2O2 reduces them (>0.8 V vs. Ag/AgCl at pH ~7).  Shown in Figure 2.3 
is a calibration curve for the detection of H2O2 on Pt in neutral solution. As is shown by the curve, 
the detection of H2O2 on a Pt UME is very linear over a very large concentration range. This 
enables the approximate quantification of H2O2 concentration as it is detected. The concentration 
acquired from this calibration curve is merely an approximation because the electrochemical 
detection of H2O2 is always near the surface of a catalyst producing it. Therefore, the volume of 
space occupied by the H2O2 is much smaller than bulk values, and the actual concentration of H2O2 
being produced is quite small. The concentrations presented in the calibration curve are all 
experimentally relevant, as the most concentrated H2O2 solutions formed reach ~10 mM.14-17 
Ultimately, it is the ease of fabrication and the vast amount of foundational research of H2O2 
oxidation on Pt that makes this sensor particularly useful for the experiments presented here. 
2.4. Quantification of H2O2 selectivity via generation-collection methods 
2.4.1. Rotating ring disk electrode methods 
The most commonly reported electrochemical detection of H2O2 is with rotating ring disk 
electrode (RRDE) methods.2,18,19 This technique leverages the flow profile established in a rotating 
disk electrode experimental setup and utilizes a ring outside of the disk to detect products formed 
at the ring. For H2O2 detection, a Pt ring is the most commonly used material and is held at relevant 
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biases discussed above. For oxygen reduction studies, the electrocatalytic literature utilizes the 
following equations to quantify H2O2 selectivity: n =  4∗iG
iG+( iCCE)          (2.5) 
% H2O2 =  4−n2 ∗ 100        (2.6) 
iG = generator current 
iC = collector current 
CE = collection efficiency 
 
Where the generator current is the current of the disk, and collector current is that of the ring. It is 
important to note that these expressions are exclusive to ORR, as the maximum number of 
electrons than can result from equation 2.5 is 4 (for the formation of H2O) and the minimum value 
is 2 (for H2O2). The collection efficiency is defined by the geometry of the system and can be 
theoretically quantified with the following equation:1 
 CEtheoretical = 1 − σOD2 + σB23 − G(σC) − σB23 G(σA) + σOD2 G(σCσOD3 ) (2.7) 
G(x) = 14 + �√34π� ln ��x13+1�3x+1 � + � 32π� arctan �2x13−1 √3 �    (2.8) 
σA = σID3 − 1           (2.9) 
σB = σOD3 − σID3            (2.10) 
σC = σAσB            (2.11) 
σOD = ODringODdisk          (2.12) 
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σID = IDringODdisk          (2.13) 
x = distance away from electrode 
OD = outer diameter 
ID = inner diameter 
 
Equation 2.7 can be interpreted to roughly state that the collection efficiency in RRDE increases 
as the distance between ring and disk, �IDring − ODdisk�, decreases and as the surface area of the 
ring, π ��ODring
2
�
2
− �
IDring
2
�
2
�, approaches that of the disk. Typically, the collection efficiency is 
assessed empirically through a generation-collection experiment involving a simple redox 
mediator, such as ferrocene or ferricyanide (Figure 2.4). Through these well-established methods, 
it is possible to quantify the selectivity of a given catalyst to produce H2O2 as a function of 
overpotential towards ORR. 
2.4.2. Scanning electrochemical microscopy 
Detection of H2O2 produced from ORR is also achievable in a scanning electrochemical 
microscopy (SECM) setup. The UME can be biased to detect products formed at the substrate, 
much like the ring electrode in RRDE methods. SECM has the added analytical advantage of 
resolving electrochemical activity with spatial resolution. The substrate generation/tip collection 
mode (SG/TC) of SECM has been employed in many studies of ORR and has been shown to be 
an effective method to detect and quantify H2O2 production over various catalytic surfaces.13,20-23 
A schematic of an SECM generation-collection experiment and a typical data set is shown in 
Figure 2.5. The measurement is intrinsically at steady because of the hemispherical diffusion 
profile at the UME, so no external convention (like in RRDE) is required. Equations 2.1 and 2.2 
are also applicable in the case of SECM for determining H2O2 selectivity as a function of 
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overpotential. The major difference between SECM and RRDE methods is that the collection 
efficiency in SECM is generally much higher,20 because distances between generator and collector 
are on the micron length scale, which is not attainable in RRDE. SECM also possesses the added 
analytical advantage of being able to resolve intermediates that exist on much smaller time scales. 
The effects of relevant SECM parameters (rg, L, probe size, and substrate size) on the signal 
collected in a SG/TC experiment has been well researched and simulated.20  
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2.5. Figures 
 
 
Figure 2.1 A) General schematic for the flow profile in RDE methods. Electroactive species are 
brought toward the surface of the electrode where electrons are transferred. The rate of mass 
transfer of species O to the electrode increases with rotation rate, ω. B and C) show how the 
voltammogram response differs between unstirred voltammetry and RDE methods. Because 
unreacted electroactive species is constantly brought to the electrode, there is no observed decay 
in current which is typically due to a growing depletion layer outward from the electrode. 
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Figure 2.2 A) Shown here is a cyclic voltammogram of Pt in 0.1 M NaClO4 with varying 
concentrations of H2O2 present. Both the reduction and oxidation of H2O2 can be carried out by 
Pt, but the reduction signal overlaps with O2, making it not as selective of a measurement. The 
oxidation of H2O2 on Pt does involve Pt oxide, and the signal of Pt oxide formation is minimal 
with appropriate probe pre-treatments (holding at an oxidative potential). B) Calibration curve for 
Pt oxidizing H2O2 which displays the ability for Pt to act as a quantitative H2O2 sensor. 
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Figure 2.3 A) This is a typical data set for an RDE experiment. Shown here is the oxidation of 
Fe2+ to Fe3+ at an RDE with various rotation rates. B) Data points from the kinetic region (blue 
box in (A)) are collected for each rotation rate at a specific potential (i.e. 0.30 V vs. Ag/AgCl). 
These data points are plotted as shown in (B) for a Koutecky-Levich analysis. This process is 
repeated for a range of potentials in the kinetic region, and the intercept acquired from each line is 
related to a forward rate constant, kf. A plot of ln(kf) vs. E-E0 (equation 2.4 in text) allows the 
quantification of k0 and α of the system.
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Figure 2.4 Shown here is a generation-collection experiment for an Fe2+/3+ system performed with 
RRDE. This is an empirical method commonly used for determining true collection efficiency. For 
the geometry of this particular RRDE setup, the theoretical collection efficiency is predicted to be 
25%. Displayed in the data above is a collection efficiency of ~24%.  
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Figure 2.5 Shown here are positive feedback approach curves for SECM. The degree of observed 
positive feedback will depend on the relative activation of the substrate. Curves collected while 
the substrate is biased at high overpotentials (η) will display high level of positive feedback and 
vice versa for low overpotentials. The data plotted above can be utilized to acquire k0 and α. 
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Figure 2.6 A) Schematic for the SG/TC mode of SECM in which H2O2 is produced by an 
electrocatalyst and subsequently oxidized by a Pt UME. B) Typical data set for the collection of 
H2O2 by a UME in an SECM experiment. Note that the UME is held at a constant potential to 
detect H2O2 and is not swept like the substrate. 
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Chapter 3: 
Evaluating the impact of catalyst selection and semiconductor band edge on the 
photoelectrochemical production of H2O2 via a real-time in situ probe 
The research described in this chapter is part of the unpublished publication submitted and under 
review titled “Evaluating the impact of catalyst selection and semiconductor band edge on the 
photoelectrochemical production of H2O2 via a real-time in situ probe,” by Matthew L. Kromer, 
Burton H. Simpson, and Joaquín Rodríguez-López. Burton H. Simpson provided useful discussion 
on experimental design and data interpretation. All other electrochemical experiments and 
simulations were performed and designed by Matthew L. Kromer and overseen by Joaquín 
Rodríguez-López. 
3.1. Abstract 
 Generating H2O2 through the use of photoelectrochemical cells (PECs) is attractive for 
integrating renewable energies into the production of this environmentally-friendly chemical 
oxidant. Here, a PEC is fabricated for producing H2O2, establish an effective analytical platform 
for studying this device, and determine optimal catalysts to use. Specifically, scanning 
electrochemical microscopy (SECM) is utilized as an analytical technique to measure H2O2 
production in-situ from a PEC and study a variety of electrocatalysts and photocatalysts. The 
effects of materials properties such as photoanode band edge and H2O2 electrocatalyst selectivity 
are probed here to determine ideal catalytic properties for an optimal H2O2 PEC. This work 
successfully incorporated SECM as an H2O2 detection method into a 2-electrode PEC, and it also 
demonstrates the potential to streamline the discovery of new materials for implementation into a 
high efficiency H2O2 PEC.  
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3.2. Introduction 
 Hydrogen peroxide (H2O2) is a green oxidant that replaces environmentally harmful 
chlorinated oxidants1 in industrial processes such as paper and pulp bleaching and the selective 
oxidation of alkenes to fine chemicals.2-4 However, chlorinated oxidants such as Cl2 or ClO2 are 
less expensive to produce and are therefore more prevalent in the chemical industry.5 The higher 
production costs of H2O2 originate from the anthraquinone autoxidation (AO) process, which 
involves several isolation and purification steps.2,3  For H2O2 to become an economically feasible 
substitute for chlorinated oxidants, a more effective, and environmentally benign method 
potentially using renewable inputs is highly desirable.  
 Electrochemical production of H2O2 is a compelling alternative as it would provide a means 
of decentralizing H2O2 production.6 A small scale photovoltaic driven electrolyzer (PV-E) or 
photoelectrochemical cell (PEC) would enable on-site production of H2O2 from renewable 
resources and furthermore eliminate transportation of H2O2. The PV-E and PEC approaches have 
been recently compared toward their economic viability to produce H2.7 This analysis suggests 
that a PEC is more economically viable than a PV-E without any support from grid electricity.7  
 Previous work demonstrating the photocatalytic production of H2O2 involves utilizing a 
single material as both the light absorber and H2O2 catalyst. In some cases, H2O2 is produced 
photocatalytically on semiconducting nanoparticles (e.g. TiO2) in which the photogenerated 
electrons are used to reduce O2 to H2O2 and photogenerated holes go to some sacrificial regent 
(e.g. Cu+, ethanol) in solution.8-10 Other methods to produce H2O2 photocatalytically involve the 
utilization of g-C3N4 photocatalysts that absorb light to become free radical species that react with 
O2 to form H2O2.11 
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 Here, the production of H2O2 is explored using a PEC configuration that optimizes the 
characteristics of photoanode and electrocatalyst half-cells, which has not been extensively 
reported in the literature. The photoanode uses energy from light to oxidize water and the 
electrocatalyst subsequently reduces O2 via the 2e- pathway to form H2O2. This PEC configuration 
is potentially more beneficial because it removes the requirements for a single material to be both 
an effective light absorber and a H2O2 producing catalyst. This configuration also removes the 
requirements of a sacrificial reagent to scavenge photogenerated holes, which is a common 
component to other reports on photoelectrochemically produced H2O2.8-10 Additionally, it is 
crucial to consider the conduction band edge of the photocatalysts used in this two half-cell 
configuration. A significant research effort in the design of PECs focuses on producing H2, and 
the photoanode in those cases would ideally produce photocurrent at potentials that lie negative of 
the hydrogen evolution reaction. For an H2O2 PEC, the onset potential for photocurrent should not 
be excessively negative because this could result in the H2O2 electrocatalyst becoming activated 
toward H2 evolution or change its selectivity from a predominant 2e- pathway to the 4e- pathway 
(Figure 3.1).14,15,22 The simplest circumvention to this issue it to utilize photoanode materials with 
a conduction band edge that is positive in energy relative to the hydrogen evolution reaction but 
sufficiently negative to activate the 2e- oxygen reduction pathway to form H2O2. 
 For proof of concept, various photocatalyst/electrocatalyst combinations were analyzed 
here to determine optimal characteristics of materials to be used in an H2O2 PEC. The photoanodes 
of interest were strontium titanate (SrTiO3/STO) and Ti-doped hematite (α-Fe2O3), and the H2O2 
production electrocatalysts were silver (Ag), gold (Au), and a palladium gold alloy (PdAu). These 
provided a useful range of variability to determine ideal characteristics of materials for use in an 
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H2O2 PEC. Furthermore, a suitable method of screening materials is demonstrated in this work to 
streamline the process of identifying optimal electrocatalysts for producing H2O2. 
 Owing to its ability to quantify H2O2 produced at the surface of electrocatalysts, scanning 
electrochemical microscopy (SECM)14-16 was chosen to monitor the impact of materials and PEC 
operational conditions on H2O2 generation. The substrate generation/tip collection mode (SG/TC) 
of SECM was used here to collect any H2O2 produced at the surface of the electrocatalysts. 
Traditional methods for detecting products formed from a PEC involve detecting gaseous H2 and 
O2.12,13 In order to study H2O2 production in real time and with versatility to address the impact of 
operation conditions of the PEC, SECM acts as an ideal technique that detects H2O2 produced in 
situ from the electrocatalyst while the PEC is operating in a 2-electrode configuration.  
3.3. Materials and methods 
3.3.1. Reagents 
 Sulfuric acid (H2SO4, Sigma Aldrich, 99+%), sodium hydroxide (NaOH, pellets Sigma 
Aldrich, 97+%), sodium perchlorate (NaClO4, Sigma Aldrich, 98+%), iron (III) chloride (FeCl3 
anhydrous, Fisher Scientific), titanium butoxide (Sigma Aldrich, 97%), hydrochloric acid (HCl, 
Macron, 37.2 wt.%) 
3.3.2. Preparation of photoanode and electrocatalyst materials 
 The Ti-doped hematite was prepared per previous reports, which involved mixing and 
annealing (550oC) FeCl3 and titanium butoxide in sequential layers on fluorine doped tin oxide 
(FTO,  Delta Technologies, 25 x 25 x 1.3 mm, Rs≤14 Ω).17 The STO was procured via MTI 
Corporation, in a slide with dimensions 10x10x1 mm, and 1 side polished. For the fabrication of 
Au electrocatalysts, Au was coated onto a silicon wafer by electron beam evaporation (Temescal 
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FC-2000) to be 100 nm thick with a 5 nm thick Ti adhesion layer. The evaporation rate was 0.1 – 
0.2 Å/s. The Ag electrocatalyst was prepared via sputter coating (AJA Orion 3) of a 100 nm thick 
layer of Ag on a Si wafer. The PdAu alloys were sputter coated (Emitech K575) at ~2.5 Å/s to 
yield a 10 nm thick layer onto a Si wafer.  
3.3.3. H2O2 detection 
 The SG/TC mode of SECM was utilized to detect H2O2 produced by the H2O2 
electrocatalysts while in a 2-electrode PEC configuration with the photoanode. The setup for these 
measurements is shown in Figure 3.2. A Pt UME probe (radius=12.5 µm) was positioned over the 
H2O2 electrocatalyst surface and was held at a suitable potential (1.2 V vs. NHE) to oxidize any 
H2O2 being produced. All SECM measurements were carried out in a custom-made 2 mL Teflon 
cell and with a CHI920D workstation (CH Instruments). The H2O2 electrocatalyst half-cell was 
connected to the photoanode half-cell through a Keithley 2400 Source Meter and the lamp used 
for illumination was a 6258 Oriel Xe lamp. 
3.4. Results and discussion 
3.4.1. Characterization of H2O2 electrocatalysts 
 The catalyst materials were selected because each is expected to produce H2O2 at different 
overpotentials. It is for this reason that a control SG/TC experiment was performed on the 
electrocatalyst half-cell of the PEC (Figure 3.3). The potential of the various substrates was 
scanned while the Pt UME was held at a constant potential suitable to oxidize any H2O2 produced. 
As is shown in Figure 3.3, the chosen electrocatalysts produced H2O2 in different potential ranges, 
with PdAu being the optimal H2O2 producing electrocatalyst of the three since H2O2 was produced 
with the lowest overpotentials. These control experiments also allow for the H2O2 selectivities to 
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be quantified using established theory.14 The Au electrocatalyst was determined to be ~80% 
selective, PdAu was ~75% selective, and Ag was ~35% selective. These electrocatalysts could be 
used for multiple experiments, but for replicate measurements, a freshly deposited film of the 
respective electrocatalyst was used. 
3.4.2. Characterization of photoanodes 
 Figure 3.4 shows the impact of band edge position and bandgap on the 
photoelectrochemical activity of hematite and STO. The large difference in reactivity toward water 
oxidation between the two can be attributed in part to the difference in conduction band edges of 
the two materials. The conduction band edge for STO lies more negative than the potential for 
hydrogen evolution, while the conduction band edge of hematite lies positive of it (Figure 3.1).18,19 
This information is important to consider for a H2O2 PEC because, from a thermodynamic 
standpoint, the STO is expected to activate the electrocatalysts toward H2 evolution while hematite 
should only be able to activate the desired 2e- reduction of oxygen at no applied bias. 
3.4.3. Collection of H2O2 with SECM/PEC platform 
 Having performed initial characterizations of each of the catalysts of interest here, they 
were then assembled into a functioning PEC shown in Figure 3.2. In order to detect H2O2 produced 
from this PEC, the UV-lamp was modulated to expose the photoanode to 20 s of illumination 
followed by 20 s of darkness. If the Pt UME was held at potentials to oxidize any H2O2, then an 
increase in anodic signal at the Pt UME was observed during the period of illumination. The bias 
between the hematite and the electrocatalyst was subsequently increased in 50 or 100 mV 
increments, leading to greater activation of the photocatalyst and the H2O2 electrocatalyst. 
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Increasing the applied bias in this manner resulted in an increase in the amount of anodic current 
detected at the Pt UME. 
 Figure 3.5A shows the chronoamperometry of the Pt UME when positioned over a PdAu 
substrate that is activated by hematite. When the hematite is under illumination, the collection 
current of the Pt UME becomes more anodic due to the oxidation of H2O2 produced by the ORR 
at PdAu. Alternatively, the PdAu could be producing H2, which would also be detected since the 
Pt UME is held at a highly oxidizing potential. To verify that the substrate was producing H2O2 
and not H2, oxygen concentration in solution was altered by either saturating the solution with O2 
or Ar. As is shown in Figure 3.5B, it was observed that the intensity of the signal increased in the 
presence of O2 saturation and decreased in the absence of O2. Another way to confirm that the 
substrate is producing H2O2 is to note that the amount of collection current in the 
chronoamperometry goes down as applied bias increases. This is due to the PdAu becoming more 
activated toward the 4e- reduction of O2 rather than the 2e- reduction. Such behavior is expected 
from the initial control experiments performed with each of the electrocatalysts (Figure 3.3). Each 
catalyst exhibited a potential region in which H2O2 production decreased. 
 At a bias of 1.8 V, a large increase in anodic current was observed when the hematite was 
illuminated, which may seem like the formation of H2O2 is once again the predominant reaction 
occurring at the PdAu electrocatalyst. However, upon removing O2 from the solution, it was 
observed that the amount of collection current did not decrease. This suggests that the catalyst no 
longer produces H2O2, but instead H2, which is expected when a large bias is applied.  
 The same chronoamperometry data was collected for the silver and gold electrocatalysts 
(Figure 3.9). The three different electrocatalysts are compared with plots of collection current vs. 
applied bias in Figure 3.6. These results showed that the peak for H2O2 production occurs around 
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200 mV of applied bias for PdAu, 500 mV for Au, and 600 mV for Ag (Figure 3.6). The potential 
difference between the peaks for the various electrocatalysts agrees with the initial characterization 
of the electrocatalysts (Figure 3.3). Also, in the case of PdAu, roughly 50% of the peak current is 
achieved in the absence of bias, thus suggesting the appropriate conditions for the chemical 
splitting of water into O2 and H2O2. 
 When using STO as the photoanode instead of hematite, it was observed that the 
electrocatalysts were activated to predominantly carry out hydrogen evolution. This was evident 
from the larger collection currents were much larger than those observed in the initial control 
experiments (Figure 3.3) and showed no dependence on the concentration of O2 in solution (Figure 
3.8). Thus, this highlights the necessity for the photoanode material to possess an appropriate band 
edge position so that the electrocatalyst is not activated to carry out undesirable reactions such as 
H2 production or the 4e- pathway for O2 reduction. 
3.4.4. Assessing efficiencies of H2O2 PEC 
 Since the PdAu catalyst produced H2O2 at the lowest biases, further characterization of the 
H2O2 PEC was done using PdAu as the electrocatalyst. In the previous experiments, the hematite 
was only exposed to light for a maximum of 20 seconds, and, at some biases, the H2O2 
electrocatalyst was unable to reach steady state production on those time scales. Thus, H2O2 
production was activated for 5 minutes to achieve a steady state collection. Chronoamperometry 
data for these experiments can be seen in Figure 3.10. Using the steady state current at the Pt UME 
and the collection efficiency, it is possible to acquire the selectivity of the PdAu catalyst toward 
H2O2 production. The collection efficiency was calculated using simulation of SG/TC SECM with 
COMSOL Multiphysics 4.4, and information about the model can be found in the supplemental 
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information (Figure 3.11). For PdAu, the selectivity toward H2O2 evolution was calculated to be 
77.9 ± 6.6%. 
 The efficiency of the overall H2O2 PEC can easily be improved by using well studied 
techniques to improve visible light utilization and light conversion efficiency at the photoanode.20-
22  An advantage of this analytical platform for studying H2O2 PECs is it can be used to rapidly 
assess multiple catalyst materials to determine which electrocatalysts are the most effective. Rather 
than testing a single electrocatalyst at a time, an array of various catalyst compositions can be 
screened when in this 2-electrode PEC configuration. Shown in Figure 3.7 is an example of this 
screening process. A catalyst array was fabricated by using a small pipette filled with 
(NH4)2[PdCl6] to make spots on a glassy carbon substrate. This was then annealed at 5500C under 
H2 to reduce the Pd precursor to Pd0. This substrate with patterned Pd spots was then used as the 
electrocatalyst in the PEC. Using SECM imaging, each spot can be imaged at different applied 
biases to determine how much H2O2 is being produced. Previous work in this field has established 
the thermodynamic and kinetic considerations necessary for predicting which bimetallic catalysts 
would be selective for the 2e- reduction of oxygen.22-24 The screening of electrocatalyst arrays is 
also a well-researched application of SECM,25-28 and the combination of the two for this purpose 
would be particularly effective. This type of analytical screening can be utilized to determine 
electrocatalyst efficiency and longevity of several electrocatalyst compositions in a single setup.  
3.5. Conclusions 
 Shown here is the successful incorporation of SECM into a 2-electrode PEC to measure 
H2O2 produced. It was demonstrated that the electrocatalyst selectivity could be acquired using 
this SECM platform for detecting H2O2. There is room for optimization of the materials used, and, 
to this end, it was also shown how this experimental setup can be used to streamline the process 
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of discovering state of the art photoanodes and electrocatalysts to be used in an H2O2 PEC. Such 
endeavors will reveal new electrocatalysts that do not lose appreciable activity over time, produce 
H2O2 with greater efficiencies, and reduce O2 at lower overpotentials than the ones studied in this 
work. The results shown here indicate that H2O2 production is possible at no applied bias, but the 
optimal rate of formation was at about 200 mV of applied bias. Discovering new materials will 
enable the production of H2O2 from a PEC without having to apply bias to achieve the optimal rate 
of production. The pursuits of fabricating a highly efficient H2O2 PEC will act as a means to 
supplant the prevalent use of harmful chlorinated oxidants in the chemical industry and using the 
approach to catalyst discovery discussed here will provide insights toward understanding oxygen 
reduction catalysts for producing H2O2.  
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3.6. Figures 
 
Figure 3.1 Semiconductor band alignment diagram for strontium titanate and hematite compared 
to the potentials vs. NHE of oxygen reduction and hydrogen evolution processes.  
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Figure 3.2 Experimental setup for incorporating SECM into a photoelectrochemical cell.  
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Figure 3.3 Control SG/TC SECM measurements in 0.1 M H2SO4 of the potential ranges in which 
the catalysts produce H2O2. Electrocatalysts all had the same exposed area of 0.2 cm2 and a Pt 
UME with radius of 12.5 µm was held at 1.0 V vs. Ag/AgCl (1.2 V vs. NHE) to collect H2O2 
produced at electrocatalyst surface. 
  
 50 
 
 
Figure 3.4 Shown in (A) are cyclic voltammograms of hematite and STO under illumination (0.1 
M NaOH), depicting the large difference in reactivity between the two. In (B) are the cyclic 
voltammograms for the various electrocatalysts (0.1 M H2SO4) which produce H2O2 near the 
photocurrent onset potential for hematite.  
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Figure 3.5 A) Chronoamperometry at the Pt UME while the hematite is being exposed to chopped 
light. The substrate being used for this set of data is PdAu. B and C) Oxygen dependence studies 
showing effect of O2 concentration at 0.2 V bias (B) and 1.8 V (C) bias.  
  
 52 
 
 
Figure 3.6 Depicted here are plots of collection current (collecting H2O2) vs. bias for PdAu (A), 
Au (B), and Ag (C). Each plot is an average of three trials per electrocatalyst. 
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Figure 3.7 PEC/SECM image in which the electrocatalyst is an array of Pd spots that are activated 
to H2O2 production from a hematite photoanode. New electrocatalysts can be discovered by 
fabricating arrays similar to this one with variations in elements and compositions between spots.  
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Figure 3.8 A) Shown here are chronoamperometry collection experiments carried out with STO 
in the photoanode half-call and PdAu in H2O2 producing half-cell. B) Collection currents from the 
experiment performed in (A) show that as bias is increased, the collection current also increases, 
and does not ever form a peak with increasing applied bias. C) Shown here are O2 dependence 
experiments which strongly suggest that the species being collected is H2 and not H2O2. It can 
therefore be stated that STO activates the PdAu beyond the 2-electron reduction of oxygen and 
only activates it toward hydrogen reduction.  
A) B) 
C) 
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Figure 3.9 Above are chronoamperometry collection experiments carried out with Fe2O3 and Au 
(A) and Ag (B). These data were collected in the same setup as is shown in Figure 3.2. These 
experiments were used to generate Figure 3.6B and C. 
  
A) B) 
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Figure 3.10 Shown above are chronoamperometry data in which the Fe2O3 was illuminated for 5 
minutes. This was to measure a steady state collection to then determine the current density and 
selectivity at which the substrate was producing H2O2. 
  
 57 
 
 
Figure 3.11 Above are the geometries and boundary conditions used for the COMSOL simulation 
for the SECM collection experiments. Type 1 boundaries correspond to the electrocatalyst 
producing H2O2, type 2 correspond to the Pt UME oxidizing H2O2 at steady state (CH2O2 = 0), and 
type 3 are no flux boundaries representing the insulating glass on the SECM tip electrode. By 
setting a flux of H2O2 being produced from the substrate with a type 1 boundary, it is possible to 
determine the flux necessary to measure the same amount of collection current that was observed 
during the longer time scale collection experiments shown in Figure 3.10. The flux at the type 1 
boundary corresponds only to H2O2 production and does not consider other processes that may be 
happening (4e- ORR). During the experiment, the current flowing through the Keithley voltage 
source can be recorded and compared to the current calculated from the flux in the simulation. 
Ideally, the values would be identical, but the current measured with the Keithley is always higher 
than the simulated current because the electrocatalysts are not 100% selective to carry out the 2e- 
reduction of oxygen. Therefore, by dividing the current calculated at the substrate by the current 
flow through the voltage source, the selectivity of the electrocatalyst can be determined.  
  
a rg 
Type 1 
d 
Type 3 
Type 2 
Type 4 
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Chapter 4: 
Relating electro- and thermal catalysis to enable high throughput catalyst discovery for 
direct synthesis of hydrogen peroxide 
The research described in this chapter are part of the unpublished publication prepared for 
submission by Matthew L. Kromer, Jason S. Adams, Joaquín Rodríguez-López, and David W. 
Flaherty, “Unifying Concepts in Electro- and Thermal Catalysis towards Hydrogen Peroxide 
Production.” All catalyst syntheses and thermal catalytic measurements were performed by Jason 
Adams and overseen by David W. Flaherty. The electrochemical experiments and simulations 
were performed and designed by Matthew L. Kromer and overseen by Joaquín Rodríguez-López. 
4.1. Abstract 
 Here, the relationship between electrocatalysis and thermal catalysis is explored in the 
context of the reduction of O2 to form H2O2 and H2O on metal nanoparticle catalysts, which are 
known within their respective fields as the direct synthesis of H2O2 and the oxygen reduction 
reaction (ORR). Mechanistic similarities between these reactions in aqueous systems suggest that 
the rates and selectivities should be similar for a given metal nanoparticle catalyst when the 
thermodynamic forces driving these reactions are equivalent (i.e., at equal electrochemical 
potentials, µ�i). This hypothesis is examined using quantitative methods from the electro- and 
thermal catalysis. Electrochemical kinetic parameters (e.g., k0 and α) were measured on a series of 
twelve monometallic and bimetallic nanoparticles supported on porous carbons using Koutecky-
Levich and Butler-Volmer analyses and fit to a theoretical model. This model was based upon 
Butler-Volmer kinetics and treated each catalyst as a short-circuited electrochemical cell. This 
model assumed that hydrogen oxidation reaction (HOR) and ORR were occurring at equal rates, 
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which lead to a prediction of a defined cell potential given a pressure of H2 and O2. The predictions 
this model makes appear to agree closely with measured values for the potential of each type of 
nanoparticle catalyst during thermal catalytic O2 reduction at elevated pressures of H2 and O2 
reactants (50 – 400 kPa). This agreement demonstrates that electrocatalytic processes (e.g., proton-
electron transfer, heterolytic hydrogen oxidation) occur during the direct synthesis of H2O2, which 
has been proposed to be a thermal catalytic reaction mediated by homolytic elementary steps. 
Steady-state rates and selectivities for H2O2 formation were determined in both thermal catalytic 
and electrocatalytic systems, and at equivalent electrochemical potentials for H2 (µ�H2), the thermal 
and electrocatalytic performance correlate strongly across the full series of catalysts and potentials 
examined. The mechanistic insight and quantitative relationships provided design principles for 
improved catalysts with greater yield of H2O2 under both thermal or electrocatalytic conditions, 
which are validated by comparisons between PdAu and PtAu nanoparticle catalysts.   These 
findings demonstrate the role of electrochemical processes during the direct synthesis of H2O2, 
provide a quantitative experimental foundation for relating thermal and electrocatalytic reactions, 
and give guiding principles to engineer nanoparticle catalysts for greater productivity of H2O2. 
4.2. Introduction 
Interest and motivation to produce H2O2 has grown significantly in recent years, because 
this oxidant can supersede the use of chlorine in selective oxidations, disinfection, and bleaching 
and thereby reduce the formation of environmentally impactful chlorinated wastes.1-4 While 
traditionally formed by anthraquinone autooxidation chemistry, two emerging methods for H2O2 
production are the thermal catalytic direct synthesis reaction (H2 + O2  H2O2) and the 
electrocatalytic two electron oxygen reduction reaction (2H+ + 2e- + O2  H2O2). Both of these 
reactions can be catalyzed by metal nanoparticles in aqueous solutions at neutral or acidic 
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conditions (pH ≤ 7).5,6 Although the mechanism of the oxygen reduction reaction (ORR) is known 
to involve heterolytic processes such as proton-coupled electron transfers,7  the mechanism of the 
thermal catalytic direct synthesis reaction has been debated in the heterogenous catalysis 
community, which has yet to reach a clear consensus. The most frequently proposed mechanism 
for thermal catalytic H2O2 formation involves chemisorption of H2 and O2 to a metal surface, 
dissociation of H2, and the sequential addition of H*-atoms to O2* by homolytic reactions that do 
not directly involve the solvent.8-10 Recently, Wilson et al. proposed that H2O2 forms on metal 
surfaces by the reduction of O2* by solvent-mediated proton-coupled electron transfer, and H2 gas 
provides the required chemical potential for reduction but also H+ and e- by heterolytic oxidation 
on the same nanoparticle that binds O2*.11 From an electrochemical perspective, the proposed 
mechanism for thermal catalytic H2O2 can be restated as a single metal nanoparticle co-catalyzing 
the hydrogen oxidation reaction (HOR) and two electron oxygen reduction reaction (ORR) 
simultaneously and, therefore, acting as a short-circuited hydrogen fuel cell.  
Figure 4.1 shows the system of elementary steps for the proposed mechanism for thermal 
catalytic O2 reduction to H2O2 and H2O (adapted from [2016 Wilson et. al, 2020 Adams et al.]) 
and emphasizes the strong mechanistic connection between the direct synthesis reaction and the 
broadly accepted mechanisms for the HOR and the ORR.  The similarities of these reaction 
mechanisms imply that a given catalyst (e.g., a metal nanoparticle supported on porous carbon) 
should provide identical rates and selectivities for the formation of H2O2 and H2O in thermal 
catalytic and electrocatalytic reactors provided that systems operate at equivalent electrochemical 
potentials of the reactants (µ�i), which is defined as: 
 µ�i =  µi + ziFϕ        (4.1) 
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where µi is the chemical potential of species i (kJ mol-1), z is the charge on that same species, F is 
Faraday’s constant (96.4 kC mol-1), and ϕ is the local potential (V or J C-1). The chemical potential 
takes the well-known form: 
  µi =  �𝜕𝜕𝜕𝜕𝜕𝜕𝑛𝑛𝑖𝑖�𝑇𝑇,𝑃𝑃,𝑛𝑛𝑗𝑗 = µi0 + 𝑅𝑅𝑅𝑅 ∙ ln(𝑎𝑎𝑖𝑖)      (4.2) 
where 𝐺𝐺 represents the Gibbs free energy of the system, µi0 is the standard state chemical potential 
of species i, R is the universal gas constant, and T is temperature (K), and 𝑎𝑎𝑖𝑖 is the thermodynamic 
activity of species i. During electrocatalytic ORR, investigators most commonly manipulate µ�i by 
changes to ϕ (also denoted as E in the electrocatalytic community) in order to determine reaction 
barriers and kinetically relevant steps on a given catalyst.  On the other hand, practitioners of 
thermal catalysis (e.g., direct synthesis) typically vary µ�i via changes to the temperature of the 
reactor to determine activation energies or by altering the activities of reactants (i.e., 
concentrations) to probe the kinetic relevance of different steps. Therefore, a given value of the 
electrochemical potential can be obtained by an infinite number of combinations of ϕ, T, and 𝑎𝑎𝑖𝑖, 
which provides a bridge between measurements made within the disciplines. 
 Our interdisciplinary investigation of the reduction of O2 to H2O2 or H2O is motivated by 
several reasons. First, the relative simplicity of this reaction network (two reactants and two 
products) provides an opportunity to compare steady-state catalytic selectivities in addition to rates 
using accessible analytical methods. Second, electrochemists have studied the ORR for decades, 
and the vast amount of understanding and research could be used to inform understanding of the 
direct synthesis of H2O2 as well as to propose catalyst for this reaction. Third, electrochemists have 
developed a high-throughput catalyst synthesis and screening methods that could be used to 
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accelerate the discovery of new catalysts for H2O2 production in thermal or electrocatalytic 
reactors.12 
Here the relation between electrocatalysis and thermal catalysis is explored through the 
formation of H2O2. In order to relate electrocatalysis and thermal catalysis, electrochemical kinetic 
measurements were performed on a library of twelve catalysts. From these measurements, 
electrochemical kinetic parameters k0 and α were quantified and were then input into a theoretical 
model. This model was based entirely on electrochemical kinetic theory and assumed a thermal 
catalytic nanoparticle behaves as a short-circuited electrochemical cell that performs HOR and 
ORR at equal rates. This resulted in a relation between potential and hydrogen partial pressure 
assuming H2O2 was formed according to the mechanism shown in Figure 4.1. This model was 
utilized to predict how the electrochemical potential would change as a function of H2 pressure, 
and these predictions were directly measured for each catalyst to assess its accuracy.  
4.3. Experimental methods 
4.3.1. Chemicals 
 Sodium perchlorate (NaClO4, Sigma Aldrich, 98+%), palladium (II) nitrate (Pd(NO3)2, 
Sigma Aldrich), tetraamine platinum (II) nitrate ((NH3)4[Pt(NO3)2], Sigma Aldrich), gold (III) 
chloride, (HAuCl4, Sigma Aldrich), Cobalt Nitrate (Co(NO3)2, Sigma Aldrich), Zinc Nitrate 
(Zn(NO3)2), Nickel Nitrate (Ni(NO3)2), Copper Nitrate (Cu(NO3)2), Ammonium Hydroxide (0.5 
M, 300 mL, Macron 6665). 
4.3.2. Catalyst preparation 
 Catalysts were prepared via either a modified incipient wetness impregnation methodology 
(Pd, PdNi, PdZn, PdCu, PdCo, Pt, PtCo, PdPt, Au) or an electroless deposition methodology 
 67 
 
(PdAu, PtAu60, PtAu15, PtAu5) using activated carbon (Vulcan XC-72, pellets, Cabot Corporation), 
as a support.  
 Catalysts prepared by modified incipient wetness were synthesized by first dissolving the 
respective nitrate solutions into a 3 vol% aqueous NH4OH solution. This solution was then added 
drop wise over the untreated carbon support and allowed to dry at 333 K over-night. The dried 
samples were then reduced in a 20% H2/He mixture at 973 K for 4 hours in a quartz tube furnace. 
Once cooled, the resulting catalyst was passivated by ambient air. However, Au catalysts were 
instead prepared by first adding HAuCl4 dropwise to the carbon support followed by washing with 
a 3 vol% aqueous NH4OH solution, since Au(OH)3 would precipitate out of the basic solution. 
The resulting Au precursor on carbon was then reduced in a 20% H2/He mixture at 393 K for 4 
hours in a quartz tube furnace. 
Catalysts prepared by electroless deposition were synthesized from the Au-XC-72 
materials described above. The Au-XC-72 was added to a solution of DI H2O and was stirred at 
500 RPM in spinner flask while blanketing the solution with a 20% H2/He mixture. After saturating 
for 30 minutes, a solution of either Pd(NO3)2 or (NH3)4Pt(NO3)2  was added gradually to the 
catalyst slurry. Afterwards, the solution was heated to 50°C and held at a constant temperature for 
3 hours and then cooled back to room temperature. The resulting slurry was then vacuum filtered 
at 298K until dry. 
4.3.3. Steady-state reaction rate measurements 
All steady-state H2O2 and H2O formation rates were measured in a continuous-flow trickle 
bed reactor system described in past work27. In this system, 150-1000 mg of catalyst was loaded 
into the center of a jacketed stainless-steel reactor (26 cm length, 1 cm inner diameter) and the 
catalyst was supported by glass wool and glass rods. Temperature was controlled across the reactor 
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by flowing a 50/50 (v/v) mixture of ethylene glycol (>99.8%, Fisher Scientific E178) and DI water 
from a recirculating chiller (Cole-Parmer Polystat). H2 and O2 compositions in the reactor were 
controlled by flowing certified gas mixtures (25% H2/N2 and 5% O2/N2 or 5% H2/N2 and 21% 
O2/N2, Airgas) through digital mass-flow controllers (Bronkhorst F-211CV) (DANGER! 
Pressurized H2/O2 mixtures are explosive if one of two of the components rise above 5% 
composition). Before contacting the catalyst, this gas mixture was premixed with either DI water 
(> 17.8 MΩ) or methanol (>99.8%, Macron 3016) and delivered by an HPLC pump (SSI LS class). 
The pressure of the resultant gas-liquid mixture was maintained in the reactor by a back-pressure 
regulator (Equilibar LF series) and controlled by an electronic pressure regulator (Equilibar GP1). 
The reactor effluent was passed through a gas-liquid separator (GLS) where the gas fraction was 
analyzed by a gas chromatograph (Agilent 7890B, thermal conductivity detector, Ar reference) 
equipped with a capillary column (Vici, Molecular Sieve 5Å, 30 m x 0.53 mm x 20 μm). The liquid 
fraction was drained from the GLS every 10 minutes by an electronic valve (Banjo LEV025PL) 
and pulled into an electronic two-position 10 port valve (Vici EPC10W). This 10-port valve would 
inject 1 cm3 from the liquid fraction and 1 cm3 of a colorimetric titrant (12 mM neocuproine 
[>99%, Sigma-Aldrich 121908], 8.3 mM CuSO4 [>98.6%, Fisher Scientific C493], 25/75 (v/v) 
ethanol/DI water mixture [>99.9%, Decon Laboratories 2701]) into test tubes held in an automated 
fraction collector (Biorad 2110). Each tube was analyzed by a UV-VIS spectrophotometer 
(Spectronic 20 Genesys) at a wavelength of 454 nm to measure the H2O2 concentration using a 
corresponding calibration curve. All experiments were conducted at a liquid flow rate of 35 cm3 
min-1 to avoid external mass transfer limitations.  
 All time-on-stream plug flow data reported in this study represent directly measured rates 
and selectivities. For pressure dependence and activation enthalpy measurements in organic-
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containing solvents, data were corrected over time using a model for exponential site deactivation 
reported elsewhere. In these measurements, the reactor was brought back to the initial conditions 
then corrected after the measurement to minimize artifacts stemming from this deactivation.  
4.3.4. Rotating disk electrode (RDE) measurements 
 The RDE measurements were carried out on a CHI 760 potentiostat (CH Instruments) and 
were performed with a Pine ASR electrode rotator (Pine Research) using a 5.0 mm glassy carbon 
disk insert with a Pt ring assembly (OD=7.50 mm, ID=6.50 mm). Levich and Koutecky-Levich 
analyses were performed on each of the catalysts in order to acquire electrochemical kinetic 
parameters. More information on these analyses can be found in Chapter 2 of this dissertation. All 
RDE experiments were carried out in 0.1 M NaClO4 supporting electrolyte with a Ag/AgCl 
reference (CH Instruments). To modify the rotating disk electrode, the carbon-supported catalysts 
were suspended in a solution of 5.0 mg catalyst, 1.0 mL of Millipore water (Elga, 18 MΩ), and 0.6 
mL of ethanol. 10.0 µL of this slurry was drop cast onto the 5.0 mm glassy carbon disk and dried 
with an infrared lamp. Once dry, 5.0 µL of 1 wt% Nafion® was drop cast on the top of the modified 
electrode to prevent detachment of the catalyst during measurements. 
4.3.5. Pressurized electrochemical potential measurements 
 Danger! Mixing H2 and O2 must be done in controlled environments to prevent explosive 
mixtures from forming. To avoid explosive mixtures, never exceed 5% composition for the gas 
not in excess. For instance, if H2 is at 20% composition, O2 should never exceed 5%. These 
measurements were carried out in a custom-built stainless-steel electrochemical cell with a 
custom-built gas manifold to sparge the liquid phase with a gas stream with known pressures of 
H2 and O2 gas (state ranges of pressured in kPa). More rigorous details on the pressurized cell 
dimensions and fabrication can be found in the supplemental information. All pressurized cell 
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measurements were carried out with a Ag/AgCl reference electrode, catalyst modified glassy 
carbon electrode, and a carbon rod counter electrode (if pressurized voltammetry was being 
performed). A glassy carbon electrode (BASi 3.0 mm diameter) was modified by drop casting 5.0 
µL of a catalyst slurry (recipe above) onto the electrode surface. The catalyst was then coated with 
1.0 µL of a 1 wt% Nafion® solution to prevent catalyst loss. The measurements were carried out 
in Millipore water with no supporting electrolyte. A supporting electrolyte consisting of 0.1 M 
NaClO4 was used in the pressurized cell only in the case of pressurized voltammetry to minimize 
solution resistance. For these measurements, the potential at zero current was constantly monitored 
as a function of time. The pressurized cell was brought to pressures of 60, 200, 300, and 400 kPa 
of H2 while O2 was held constant at 60 kPa. The cell was held at each of these pressures for about 
30 minutes to 1 hour, and the last 5 minutes of each time period was averaged to yield a single 
data point for the pressure of H2 the cell was held at. 
4.4. Relating electrochemical potential to H2 and O2 pressures 
 As stated earlier, equation 4.1 dictates that the electrochemical potential should be 
intimately related to ai, T, and ϕ (or E). Here it was decided to relate E and aH2. A typical thermal 
catalytic experiment involves measuring reaction rates as a specific reactant is changed. In the case 
of H2O2 direct synthesis, previous studies show a notable change in reaction rate as H2 partial 
pressures are increased over a very large range.11 Because of the relationship between 
electrochemical potential and activity of H2, it should be possible to measure changes in potential 
on a catalyst surface as the pressure of H2 is altered. In order to elucidate the potential of a catalyst 
at these elevated pressures, a custom-built electrochemical cell that enclosed a three-electrode cell 
into a pressurized container was utilized. This experimental setup was utilized because thermal 
catalytic kinetic analyses involve measuring reaction rates at pressures of H2 that lie well above 
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atmospheric pressure. The relative pressures of H2 and O2 were controlled to measure the potential 
of a given catalyst at pressures up to 400 kPa of H2. A typical data set for these measurements is 
shown in Figure 4.2A for a PdAu catalyst. As the pressure of H2 increases, the potential of the 
catalyst is subsequently shifted to more negative values, which agrees with qualitative 
expectations. Since H2 is a well-known reducing agent, one would expect a subsequent shift in 
potential towards more reducing potentials as PH2 is increased. 
 Having acquired this experimental relation between potential and PH2, is was of interest to 
determine if this potential vs. H2 relationship could be fit to theory based on electrocatalysis. The 
most simplistic method by which potential and pressure can be related is through the Nernst 
equation: 
 Eeq = E0′ − RTnF ln �aRaO�  or  Eeq = E0′ − 59.2 mVn log �aRaO�    (4.3) 
Where E is the equilibrium potential, E0’ is the formal potential (where activity is considered), R 
is the gas constant, T is temperature (298 K), n is the number of electron transferred in the reaction  
(2 for HOR and 2 to 4 for ORR), F is Faraday’s constant, and aR and aO are the activities of reduced 
and oxidized species, respectively, which can be related to partial pressures of gaseous reactants. 
In the case of HOR and ORR, the oxidized species would be H+ and O2 and the reduced species 
would be H2 and H2O2, respectively. This Nernst equation is simply another form of equation 4.1 
and is arrived at by substituting in equation 4.2 in for µi and rewriting ϕ as E.13 This equation is 
entirely derived from thermodynamic considerations and assumes that all reactions of interest are 
occurring at their thermodynamically defined barriers. This theory was more thoroughly treated 
by using the Nernst equation to make a prediction of potential at a defined H2 partial pressure. This 
prediction for a range of H2 pressures is shown in Figure 4.2B. Of the catalysts in this plot, all 
displayed a change in potential that was consistent to what a Nernstian response would predict. 
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However, the catalysts plotted here (and all catalysts not plotted) were rather far much more 
positive than the potentials defined by the Nernst equation. The Pt catalyst showed a dependence 
of potential on H2 pressure closest to what the Nernst equation would predict, and the PdZn showed 
the furthest deviation from this prediction. The catalyst behavior shown here is reasonable because 
HOR and ORR are multi-step electrochemical reactions that typically occur beyond their 
thermodynamically defined barriers.14-16 Although Pt based catalysts are commonly reported to 
carry out HOR and HER with very little overpotential, contaminated Pt, or Pt with surface 
adsorbates, can exhibit higher overpotentials to carry out these transformations.17 The Pt based 
catalysts used here are all supported on carbon, and it is therefore likely that the surface of our Pt 
catalysts contains some amount of adsorbates or contaminants, which provides a explains why a 
normally ideal catalyst for HOR is underperforming. Based on the data shown in Figure 4.2B, the 
Nernst equation unsuitable to define a thermal catalytic system, and a current-potential relationship 
that includes reaction kinetics must be utilized. 
 Because our catalysts did not follow simple Nernstian response, Butler-Volmer kinetics 
were utilized to better fit the potentials that were measured on the catalyst library. For 
electrochemical reactions, kinetic expressions are derived from Arrhenius expressions and rate 
constants are written in the following form: 
  
kf = k0e−αF(E−E0)RT  and  kb = k0e(1−α)F(E−E0)RT      (4.4) 
Where kf is a rate constant for reductions (cathodic currents) and kb is a rate constant for oxidations 
(anodic currents). The Arrhenius expressions here are separated into potential independent and 
O + e
-
R
kf
kb
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potential dependent components. The component that is not potential dependent is referred to as 
k0 or the standard rate constant. This value signifies how quickly the electron transfer is being 
carried out at equilibrium (no applied potential) and is a general measure for the kinetic facility of 
a given electron transfer. A high k0 value results in relatively small overpotentials, and a small k0 
value (kinetically hindered electron transfers) leads to higher overpotentials to carry out the 
electron transfer. The activation barrier, Ea, is referred to as -αF(E-E0), where α is a transfer 
coefficient (0<α<1) which describes the symmetry of the energy barrier and strongly impacts how 
the electron transfer rate changes as potential is applied to the system. For a simple one electron 
transfer, an α above 0.5 describes a reaction in which the products (or the reduction of species O) 
are favored and vice versa for an α below 0.5. For a system like ORR or HOR, the transfer 
coefficient is much more complicated because there are several electron transfers and mechanistic 
steps. A transfer coefficient measured for these systems is more of a transfer parameter that is more 
dependent on the rate determining steps rather than if the products or reactants are favored. An 
expression for current (or reaction rate) can be formulated from the expressions above to result in 
the following expression for reaction rate (v): 
 vTOT = vf − vb = kf[CO] − kb[CR]       (4.5) 
Where CO is the concentration of oxidized species and CR is the concentration of reduced species. 
An expression for current (amperes/second) is achieved by setting the expression above equal to 
the flux of material to the electrode, or i
nFA
. These electrochemical kinetic expressions are more 
realistic and applicable to our system because unlike the Nernst equation, they take into account 
more sluggish kinetics that lead to higher kinetic barriers to carry out an electron transfer. It is for 
this reason that Butler-Volmer kinetics were used to act as a link between potential and H2 
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pressure. For the purposes of fitting our potential vs. H2 data, it is postulated that the rate of ORR 
and HOR are equal: 
vORR = vHOR     or kf,ORR[O2] = kb,HOR[H2]     (4.6) 
Equation 4.6 assumes that a given direct synthesis catalyst operates at potentials in which kb for 
ORR (H2O oxidation) and kf for HOR (HER) are negligible. This is a very realistic assumption for 
ORR since that reaction is very electrochemically (thermodynamically) irreversible. Equation 4.6 
can be expanded and multiplied by nFA (to make it in terms of current rather than flux) to take the 
following form: 
iORR = iHOR    or  
 nORRFAk0e−αF(E−E0)RT [O2] = nHORFAk0eβF(E−E0)RT [H2]    (4.7) 
Where i is current and α/β are potential dependent parameters (acquired experimentally) that 
change based on the rate determining step.18 To input concentrations into equation 4.7, the Henry’s 
law constants for O2 or H2 in water were multiplied by the partial pressure of O2 or H2. Using 
Equation 4.7, it is possible to relate concentrations of H2 and O2 to potential, E, and provides a 
useful model to fit our pressurized cell potential measurements. 
 This model was utilized to predict what potential a given catalyst would be operating at 
when exposed to direct synthesis conditions. Values for k0 and α/β determined for each of the 
catalysts using standard rotating disk electrode methods (Table A.1) and a discussion on that 
analysis is included in Chapter 2. Then, Equation 4.7 was used to generate plots of log i vs. E for 
HOR and ORR (Figure 4.3A). The predicted potential from this model was acquired from the 
intersection points in the curves for HOR and ORR, as this represents where the two reactions are 
occurring at an equal rate (Equation 4.6). Because the kinetics of each of the catalysts were 
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different, this model is able to take these discrepancies into account and give a more accurate 
prediction for an equivalent potential at a given H2 pressure.  
 This approach to fitting the measured pressurized potentials does not make any 
assumptions about the mechanism or microkinetic model for either the HOR and ORR 
mechanisms. Instead it only reports apparent rate constants (i.e., values of k0 and α) and the 
functional form of currents predicted from a reaction with the specific values measured for k0 and 
α. As depicted in Figure 4.3A, an increase in the H2 pressure should lead to a negative displacement 
of the Tafel plot crossing point on the potential axis. This is consistent with the expectation of a 
higher H2 concentration providing a more reducing environment. The validity of this model was 
extensively tested by measuring the potentials of a library of catalysts as a function of H2 pressure. 
The measured potentials are compared to the potentials predicted from our model in Figure 4.3B. 
This plot shows a strong correlation between these two quantities, suggesting that electrocatalysis 
and thermal catalysis are intimately related. The data shown in Figure 4.3B also demonstrates a 
predictable change in potential that is consistent with electrochemical theory. For this thermal 
catalytic system, an ideal Nernstian response as well as Butler-Volmer kinetics both predict that 
as H2 concentration (partial pressure) increases, then the potential should shift to more negative 
values. It also reasonable to assume that the potential of a given catalyst carrying out ORR and 
HOR will lie closer to the thermodynamic potential of HOR, which agrees with the findings in 
Figure 4.3B. For all of the catalysts, the overpotential required to carry out HOR was smaller than 
what was required for ORR. Therefore, for the two reaction to be carried out at an equal rate, the 
potential the catalyst would have to operate at must lie at higher overpotentials for ORR than for 
HOR. This result is consistent with findings in the electrocatalytic literature, where electron 
transfers involving H2 are always more facile than those involving the activation of O2. The Tafel 
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plots used to predict operating potentials for the catalysts can also be used to form general 
predictions for rates of H2O2 production as well. The catalysts that exhibited the fastest HOR 
kinetics resulted in an intersection point in the theoretical Tafel plots at increasingly negative 
values. This intersection point represents the point at which ORR and HOR are occurring at equal 
rates, and as it shifts negative this magnitude of current also increases dramatically. Therefore, a 
catalyst with a more negative intersection point in its corresponding Tafel plots for HOR and ORR 
is predicted to also possess a relatively higher turnover rate for oxygen reduction in a thermal 
catalytic system. However, this may not translate directly to higher H2O2 turnover rates, as catalyst 
selectivity is also an important parameter. For instance, of the catalysts studied here, Pt possessed 
the most negative intersection point and consequently is predicted to reduce oxygen at the highest 
rates in direct synthesis. Pt also exhibits poor selectivity to the 2-electron reduction of oxygen and 
therefore predominately forms the undesired product, H2O, from the reduction of oxygen. 
Nonetheless, this model is still an effective prediction tool for catalyst performance because it can 
assess a given catalysts O2 turnover rates relative to other catalysts of interest. 
4.5. Comparing catalyst performance between thermal and electrocatalysis 
Based on the potential measurements acquired in the pressurized cell, each of the catalysts 
exhibited a change in ~100 mV going from 60 kPa H2 to 400 kPa. It is well researched in the field 
of ORR electrocatalysis that this magnitude of difference in potential can result in a substantial 
change in H2O2 selectivity.19 If a thermal catalytic process is carried out via an electrochemical 
mechanism, then the changes in electrocatalytic selectivity as a function of potential should 
correlate to equal changes in thermal catalytic selectivity as a function of H2 pressure. Prior to 
making this comparison between electrocatalytic and thermal catalytic selectivity, thermal 
catalytic steady-state rate measurements were conducted on the library of carbon-supported 
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catalysts to determine whether these materials followed a similar mechanistic behavior. Figure 4.4 
shows the rate of thermal catalytic H2O2 formation as a function of H2 pressure for each material 
used in this study. On each catalyst, rates increased in proportion with H2 pressure (<100 kPa, 60 
kPa O2, 298K) before reaching a constant value at the greatest pressures (150 kPa – 400 kPa H2, 
60 kPa O2, 298K). The results from these experiments showed a very consistent response to 
increasing H2 pressure among all the catalysts, which suggests that a single mechanism 
predominates in all cases.  
To compare the H2O2 selectivity between electro and thermal catalysis, the catalyst 
selectivity was determined in both electrocatalysis (via rotating ring-disk electrode methods, 
Figure A.15-5.27) and thermal catalysis, using a neocuproine titration and gas chromatography 
downstream from the trickle-bed reactor. In thermal catalysis, selectivity is determined as a 
function of H2 pressure (aH2 in equation 4.1) and in electrocatalysis, selectivity is determined as a 
function of potential (ϕ in equation 4.1). The relation between electrochemical potential and H2 
pressure (Figure 4.3B) was used to guide the direct comparison between thermal and 
electrochemical selectivity yielding the parity plot shown in Figure 4.5. These comparisons show 
a strong correlation between thermal and electrocatalysis, where poor catalysts (PdCu, PdPt, Pt, 
etc.) were poor for both methods and vice versa for exceptional H2O2-forming catalysts (PtAu15, 
Pd4Ni3, PtAu5, etc.). These results show very clearly the correlation between electro and thermal 
catalysis and strongly suggest the existence of an electrochemical mechanism in the direct 
synthesis of H2O2.  
Nonetheless, Figure 4.5 also shows several materials that behave as outliers. It is 
hypothesized that these discrepancies are consistent with a Pd to PdHx phase transition. Similar 
phase transitions were reported on TiO2 supported Pd nanoparticles at similar ratios of H2 to O2 
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gas (~2:1), in which Operando EXAFS measurements elucidated the nanoparticle phase under 
reaction conditions. Similar Pd-PdHx transitions are also reported for Pd materials operating at 
increasingly negative electrical potentials. Additionally, the data shown in Figure 4.4 support our 
hypothesis that a phase transition occurs under operational conditions, as described above to 
explain H2O2 selectivity values. The rates in the intermediate pressure ranges (60-150 kPa) are 
unreported, as many Pd materials showed highly metastable behavior and took 4-10 hours to reach 
a true steady-state. 
4.6. Qualitative thermal catalytic rate predictions 
The relation between electro- and thermal catalysis established in the previous section was 
tested by performing a more detailed analysis on the Au/Vulcan, PdAu60/Vulcan, and 
PtAu60/Vulcan catalysts (Figure 4.6). Shown in Figure 4.6A is rotating ring disk electrode methods 
used to electrochemically quantify H2O2 selectivity of the catalysts as a function of potential. In 
Figure 4.6B are rotating disk voltammograms for each of the catalysts performing hydrogen 
oxidation. It is clear from these experiments, that Au was not at all active towards HOR, and 
PdAu60 and PtAu60 were both clearly active towards this process. According to these analyses, all 
three of these catalysts displayed similar selectivities toward H2O2 production but all carry out 
HOR with notably different activity (Figure 4.6B). Based on the differences toward HOR activity, 
these electrochemical measurements predict that the reactivity of the catalyst should decrease in 
the order PtAu60/Vulcan> PdAu60/Vulcan>Au/Vulcan when producing H2O2 in direct synthesis.  
The PtAu60 was able to carry out HOR at ~150 mV less overpotential compared to PdAu60. This 
difference in activation barrier inevitably results in an overlap of HOR and ORR at higher rates, 
which should make PtAu60 the most effective thermal catalyst of the three shown here. In fact, the 
Au/Vulcan should not produce any H2O2 in direct synthesis since it is largely inactive toward 
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HOR, and this effect has been observed reproducibly in the literature.5 Thermal catalytic rates of 
H2O2 formation on PtAu60 and PdAu60 were measured, and it was observed that normalized 
turnover rates were nearly double for PtAu60 at all pressures of H2 compared to the rates on PdAu60. 
The data shown in Figure 4.6C validates our prediction that PtAu60/Vulcan should be a more 
effective direct synthesis catalyst than PdAu60/Vulcan. After assessing these catalysts toward their 
ability to produce H2O2 in direct synthesis, it is apparent that there is a link between the 
electrochemical observations and thermal catalytic performance. Of course, it is well known in the 
direct synthesis community that an ideal catalyst should effectively activate hydrogen, and the 
results discussed here clearly show the reason for that design rule. The predictive nature of 
electrochemical measurements toward thermal catalysis ultimately enables decades of 
electrocatalytic research on HOR and ORR to be used as a guide for catalyst design for direct 
synthesis. Both the selectivity and relative H2O2 production rate of a thermal catalyst can be 
effectively predicted through simple electrochemical measurements. 
4.7. Future work and outlook 
This work sought out to show the intimate relationship between electrocatalysis and 
thermal catalysis, and the implications of the findings here are far reaching in the catalytic 
community. Hydrogen peroxide was a large topic of interest in this work, and one of its most 
promising applications is the selective oxidation for the production of fine chemicals.3,4 
Additionally, there is also growing amount of research dealing with the conversion of CO2 into 
useful chemicals,20,21. The methodology outlined here will undoubtedly be useful to these other 
thermal systems to the ends of identifying optimal catalyst materials and reaction conditions for 
higher rates of transformation and selectivities. 
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The connections between thermal and electrocatalysis that are established by this work 
create new opportunities for using electrochemical methods to discover new heterogeneous 
catalysts. The model presented here requires the input of electrochemical kinetic parameters and 
accurately predict an operating potential or change in potential when the catalyst is exposed to 
conditions used in thermal catalysis. The predictive nature of this model can be further extended 
to determine effective catalysts for thermal catalysis by performing simple electrochemical 
measurements. This is beneficial from a catalyst discovery standpoint because the field of 
electrocatalysis has a large foundation of research on rapidly screening catalysts. The results of 
these screening procedures can now be applied to thermal catalytic systems as well. There is a 
large volume of work toward utilizing combinatorial methodologies for screening the 
electrochemistry of various catalysts and reactions, such as those based on scanning 
electrochemical microscopy (SECM) to the ends of rapidly screening electrocatalysts.12,22-24 The 
advantages of SECM based methods is that very small amounts catalyst materials and solvent is 
required to perform these high-throughput measurements. Catalyst screening via thermal catalytic 
methods is less attractive due to the large quantities of both catalyst material and solvents that are 
required for such studies. 
4.8. Conclusions 
Shown here is a comparative H2O2 direct synthesis and electrocatalytic study that lays the 
groundwork for correlating electrocatalytic and thermal catalytic processes aimed toward 
optimizing the production of useful products for use in the chemical industry. Electrocatalysts and 
thermal catalysts were compared by measuring how H2 partial pressure affects the open circuit 
potential of each of the catalysts studied. This relation enabled the H2O2 selectivities to be 
compared between the two different methods. Comparing a vast amount of catalysts has shown 
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that a strong correlation between catalyst performance between electrocatalysis and thermal 
catalysis. Furthermore, this correlation was assessed with Au, PdAu, and PtAu catalysts and 
demonstrated the importance for a thermal catalyst to be able to oxidize hydrogen effectively in 
addition to being selective toward H2O2 formation. The results reported here can be used to further 
our understanding of direct synthesis catalysts and ultimately enable the discovery of a new 
catalyst that is both low cost and high selective toward producing H2O2 for industrial applications. 
The results reported here are applicable not only to catalyst design, but also to reaction cell design. 
By proving that the formation of H2O2 via direct synthesis occurs through a controlled electron 
transfer between H2 and O2, a more optimal cell can be designed where the two reactants are 
separated to maximize their respective concentrations and H2O2 conversion rates.  The 
implications of this work extend far beyond the scope of H2O2 formation and are also applicable 
to numerous other thermal processes involving redox chemistry.  
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4.10. Figures 
 
Figure 4.1 A) A schematic showing the mechanistic steps for hydrogen oxidation and oxygen 
reduction that have been proposed by the electrocatalytic literature and recent direct synthesis 
studies. B) Pictorial representation of the proposed mechanism for direct synthesis where HOR 
and ORR occur in concert on a catalyst surface. 
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Figure 4.2 A) Example data set collected with the pressurized electrochemical cell for a PdAu 
catalyst. The negative shifts in potential as PH2 increased shown here were observed in all of the 
catalyst studied. In (B) is an attempt to fit the data using the Nernst equation. This analysis shows 
that electrochemical theory derived entirely from thermodynamics is clearly not suitable to 
describe the catalytic system of interest here. 
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Figure 4.3 A) Theoretical Tafel plots generated from kinetics measured with rotating disk 
electrode methods. The intersection points between HOR and ORR from these plots were used to 
determine a predicted potential at which the catalyst would be operating at a given pressure of H2 
and O2. B) Parity plot of predicted and measured OCPs based on the Butler-Volmer theory 
presented in part A. This plot demonstrates the accuracy of this model and that electrocatalyst and 
thermal catalysis are intimately related in the case of direct synthesis. 
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Figure 4.4 H2O2 formation as a function of H2 partial pressure for each of the catalysts. The 
similarity in H2 dependence of all the catalysts is strongly indicative that one mechanism is driving 
the formation of H2O2 in every case. 
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Figure 4.5 Parity plot of electrocatalytic and thermal catalytic selectivity toward H2O2 production. 
Electrocatalytic selectivity was determined with rotating ring disk electrode (RRDE) methods in 
0.1 M NaClO4. Thermal catalytic selectivity was determined by dividing H2O2 produced 
(determined by neocuproine titration) by H2 that the catalyst converted (determined by gas 
chromatography). 
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Figure 4.6 A) Comparison between Au, PdAu, and PtAu towards electrochemical H2O2 
production showing that all produce H2O2 with equivalent selectivity. B) Comparison between the 
same catalysts towards HOR reactivity which shows a very clear trend where Au<PdAu<PtAu. C) 
Comparison of direct synthesis turnover rates where H2O2 cannot be measured from Au, and PtAu 
produces H2O2 at roughly twice the rate. The Butler-Volmer kinetic model detailed in Section 4.4 
predicts that PtAu60 should produce H2O2 in direct synthesis roughly 4 times as fast as PdAu60. 
This slight overestimation is most likely due to a lack of knowledge of active surface species that 
are affecting the kinetics of H2O2 formation for each of these catalysts. Regardless, these data 
successfully illustrate the predictive power of electrochemical methods toward catalyst design of 
direct synthesis catalysts. 
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4.11. Raw Electrochemical Data 
Supplementary Figure 4.1 Above are the dimensions and pictures for the pressurized cell design. 
The working electrode was a 3.0 mm diameter BASi glassy carbon electrode, the reference 
electrode was a CH Instruments Ag/AgCl electrode, and the counter electrode was a carbon rod 
connected to a 1/16” stainless steel wire. Below is are pictures of the cap with and without 
electrodes. The cyclic voltammogram is a control experiment with 0.5 mM ferrocenemethanol in 
0.1 M KNO3 to ensure that voltammetry is achievable at high pressures.
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Supplementary Figure 4.2 Pressurized OCP measurements for Pd/Vulcan. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa.  
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Supplementary Figure 4.3 Pressurized OCP measurements for PdCo/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa.  
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Supplementary Figure 4.4 Pressurized OCP measurements for PdNi/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa.  
  
60 200 300 400
0.38
0.40
0.42
0.44
0.46
0.48
0.50
0.52
0.54
0.56
M
ea
su
re
d 
O
C
P 
(V
 v
s.
 N
H
E)
H2 Pressure (kPa)
 92 
 
 
Supplementary Figure 4.5 Pressurized OCP measurements for PdZn/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa. 
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Supplementary Figure 4.6 Pressurized OCP measurements for PdAu60/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa. 
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Supplementary Figure 4.7 Pressurized OCP measurements for PdCu/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa. 
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Supplementary Figure 4.8 Pressurized OCP measurements for PdPt/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa. 
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Supplementary Figure 4.9 Pressurized OCP measurements for PtAu60/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa. 
  
60 200 300 400
0.34
0.36
0.38
0.40
0.42
0.44
0.46
M
ea
su
re
d 
O
C
P 
(V
 v
s.
 N
H
E)
H2 Pressure (kPa)
 97 
 
 
Supplementary Figure 4.10 Pressurized OCP measurements for PtAu15/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa.  
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Supplementary Figure 4.11 Pressurized OCP measurements for PtAu5/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa.  
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Supplementary Figure 4.12 Pressurized OCP measurements for Pt/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa. 
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Supplementary Figure 4.13 Pressurized OCP measurements for PtCo/Vulcan with water as a 
solvent. Glassy carbon working electrode was modified with 5 µL of a catalyst slurry (5 mg 
catalyst, 1 mL water, 0.6 mL ethanol) and 1 µL of 0.5 wt% Nafion solution. Potentials were 
measured at various H2 pressures with a constant O2 pressure of 60 kPa.  
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Supplementary Figure 4.14 Pressurized amperometric experiments on Pd/Vulcan in which a 
cyclic voltammogram was acquired at each H2 pressure achieved during the OCP measurements. 
The potential range of the voltammograms agrees well with the potential range of the OCP 
measurements, which supports the validity of these measurements. 
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Materials ORR k0 (cm/s) ORR α HOR k0 (cm/s) HOR β 
Pd 2.8 x 10-4 ± 1.3 x 10-4 0.27 ± 0.03 1.1 x 10-4 ± 0.4 x 10-4 0.91 ± 0.01 
PdZn 3.3 x 10-4 ± 0.9 x 10-4 0.24 ± 0.05 2.8 x 10-5 ± 0.4 x 10-5 0.86 ± 0.01 
Pt 2.5 x 10-4 ± 1.9 x 10-4 0.28 ± 0.05 1.0 x 10-5 ± 2.5 x 10-6 0.34 ± 0.03 
PtCo 4.3 x 10-4 ± 2.6 x 10-4 0.30 ± 0.06 4.1 x 10-6 ± 9.0 x 10-7 0.25 ± 0.02 
PdCo 2.9 x 10-4 ± 0.5 x 10-4 0.24 ± 0.04 6.2 x 10-5 ± 2.0 x 10-5 0.82 ± 0.01 
PdPt 4.1 x 10-4 ± 2.4 x 10-4 0.32 ± 0.08 2.0 x 10-6 ± 1.0 x 10-6 0.23 ± 0.06 
PdNi 4.7 x 10-4 ± 6.0 x 10-5 0.21 ± 0.05 1.1 x 10-4 ± 0.4 x 10-4 0.88 ± 0.02 
PdCu 2.4 x 10-4 ± 0.2 x 10-4 0.21 ± 0.02 2.7 x 10-5 ± 0.6 x 10-5 0.82± 0.02 
Pd1Au60 4.3 x 10-5 ± 1.7 x 10-5 0.37 ± 0.04 3.3 x 10-5 ± 0.5 x 10-5 0.93 ± 0.01 
Au 3.1 x 10-5 ± 0.5 x 10-5 0.37 ± 0.01 (too slow to measure 
w/ RDE) 
-- 
Pt1Au60 2.0 x 10-5 ± 0.4 x 10-5 0.36 ± 0.02 4.1 x 10-5 ± 2.8 x 10-5 0.72 ± 0.05 
Pt1Au15 1.6 x 10-5 ± 0.8 x 10-5 0.41 ± 0.03 1.2 x 10-5 ± 3.0 x 10-6 0.73 ± 0.02 
Pt1Au5 2.2 x 10-5 ± 0.4 x 10-5 0.46 ± 0.02 7.6 x 10-5 ± 4.3 x 10-5 0.77 ± 0.08 
 
Supplementary Table 4.1 Average k0 and alpha values (ORR and HOR) for each of the catalysts 
of interest. Each measurement is an average of triplicate analyses. 
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Supplementary Figure 4.15 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
Pt/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4. All catalysts were 
adhered to the RDE by dispensing 10 µL of a catalyst slurry (5 mg catalyst, 1 mL water, 0.6 mL 
ethanol) onto the disk and adding 5 µL of 0.5 wt.% Nafion to prevent desorption. 
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Supplementary Figure 4.16 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
Pd/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.17 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PdZn/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.18 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PtCo/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.19 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PdPt/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.20 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
Au/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.21 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PdCu/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.22 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PdCo/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.23 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PdNi/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4.  
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Supplementary Figure 4.24 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PdAu60/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.25 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PtAu60/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4.
 114 
 
 
Supplementary Figure 4.26 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PtAu15/Vulcan ORR. These analyses were carried out in O2 saturated 0.1 M NaClO4.  
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Supplementary Figure 4.27 RDE, Koutecky-Levich, and Butler-Volmer analyses for 
PtAu5/Vulcan. These analyses were carried out in O2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.28 RDE, Koutecky-Levich, and Butler-Volmer analyses for Pd/Vulcan 
HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.29 RDE, Koutecky-Levich, and Butler-Volmer analyses for 
PdCo/Vulcan HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.30 RDE, Koutecky-Levich, and Butler-Volmer analyses for 
PdNi/Vulcan HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.31 RDE, Koutecky-Levich, and Butler-Volmer analyses for 
PdZn/Vulcan HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.32 RDE, Koutecky-Levich, and Butler-Volmer analyses for 
PdCu/Vulcan HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.33 RDE, Koutecky-Levich, and Butler-Volmer analyses for Pt/Vulcan 
HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4.  
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Supplementary Figure 4.34 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PdPt/Vulcan HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4.  
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Supplementary Figure 4.35 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PtCo/Vulcan HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4.  
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Supplementary Figure 4.36 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PdAu60/Vulcan HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4. 
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Supplementary Figure 4.37 RDE, Koutecky-Levich, and Butler-Volmer analyses for 
PtAu60/Vulcan HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4.  
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Supplementary Figure 4.38 RDE, Koutecky-Levich, and Butler-Volmer analyses for 
PtAu15/Vulcan HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4.  
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Supplementary Figure 4.39 R(R)DE, Koutecky-Levich, and Butler-Volmer analyses for 
PtAu5/Vulcan HOR. These analyses were carried out in H2 saturated 0.1 M NaClO4. 
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Chapter 5: 
Utilization of cathodic corrosion for new water splitting photoelectrochemical materials 
This work was published as an original research article in Langmuir: Kromer, M. L.; Monzo, J.; 
Lawrence, M. J.; Kolodzieg, A.; Gossage, Z. T.; Simpson, B. H.; Morandi, S.; Yanson, A.; Rodríguez- 
López, J.; Rodríguez, P., High-Throughput Preparation of Metal Oxide Nanocrystals by Cathodic 
Corrosion and Their Use as Active Photocatalysts. Langmuir. 2017, 33 (46), 13295–13302. This 
chapter was adapted with permission from the American Chemical Society, copyright 2017. DOI: 
10.1021/acs.langmuir.7b02465. Javier Monzo, Matthew Lawrence, and Adam Kolodzieg were 
responsible for nanoparticle fabrication, and Zachary Gossage, Burton Simpson, and Sara Morandi 
were responsible for preliminary electrochemical characterization. All other work was accomplished 
by Matthew L. Kromer under the primary investigator Professor Joaquín Rodríguez-López. 
5.1. Abstract 
 Nanoparticle metal oxide photocatalysts are attractive due to their increased reactivity and 
ease of processing into versatile electrode formats; however, their preparation is cumbersome. 
Presented here is the report on the rapid bulk synthesis of photocatalytic nanoparticles with 
homogeneous shape and size via the cathodic corrosion method, a simple electrochemical 
approach applied for the first time to the versatile preparation of complex metal oxides. 
Nanoparticles consisting of tungsten oxide (H2WO4) nanoplates, titanium oxide (TiO2) nanowires, 
and symmetric star-shaped bismuth vanadate (BiVO4) were prepared conveniently using tungsten, 
titanium, and vanadium wires as a starting material. Each of the particles were extremely rapid to 
produce, taking only 2-3 minutes to etch 2.5 mm of metal wire into a colloidal dispersion of 
photoactive materials. All crystalline H2WO4 and BiVO4 particles and amorphous TiO2 were 
photoelectrochemically active towards the water oxidation reaction. Additionally, the BiVO4 
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particles showed enhanced photocurrent in the visible region towards the oxidation of a sacrificial 
sulfite reagent. This synthetic method provides an inexpensive alternative to conventional 
fabrication techniques and is potentially applicable to a wide variety of metal oxides, making the 
rapid fabrication of active photocatalysts with controlled crystallinity more efficient.  
5.2. Introduction 
 Water splitting via semiconductor photocatalysts presents a promising means to store solar 
energy in the form of renewable fuels.1-3 Additionally, as outlined in the Chapter 3 of this work, 
photoanode materials can prove to be quite useful in the production of H2O2 for industrial 
applications. However, implementing this technology faces important challenges in materials 
design, engineering, and fabrication. Among the challenges for materials scientists is identifying 
an inexpensive material that combines excellent visible light absorption, efficient conversion, and 
long-term stability. The study of the impact of structural parameters on the photocatalytic 
performance of nano- and microparticles creates opportunities in increasing their efficiency by 
decreasing charge carrier diffusion lengths and therefore decreasing recombination.4 Furthermore, 
the control of surface orientation, particle shape, and particle morphology enables the exploration 
of emerging chemical properties.5 The use of photoactive particles also enhances the processability 
of large-area photoelectrodes by means of their assembly using discrete, well-defined constituent 
entities. 
 The widespread use and commercialization of semiconductor photocatalysts requires high-
throughput, robust, efficient, safe, and inexpensive fabrication procedures.6. To date, the most 
common ways to prepare photocatalysts for water oxidation are solution based methods such as 
solvothermal syntheses7-10 and electrodeposition.11,12 In the case of solvothermal methods, time 
consuming synthesis procedures are usually required, and low yields are common. Such methods 
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commonly demand the utilization of organic solvents, surfactants, or capping materials that add 
complexity and cost. The use of capping agents can also negatively affect the catalytic activity by 
blocking active sites.13 In addition, these methods implement high temperature protocols which 
can result in large particle size distribution and a lack in control of the surface structure.9 
Solvothermal methods are particularly prevalent in the synthesis of various nanostructured forms 
of tungsten oxide and titanium dioxide. In one study, this method was employed to prepare tungstic 
acid hydrate nanotubes without the use of any template, 14 but the synthesis required 12 h of drying 
at 60oC.14. The solvothermal method has been used to produce TiO2 nanosheets with preferentially 
oriented surfaces.15 This synthesis required the use of hazardous precursors (TiF4 and HF), and 
took 5.5-44 h to complete, with a yield of 34.8%.15 Conversely, electrodeposition methods while 
offering morphological versatility,16 suffer from low throughput. Examples of a high degree of 
morphological control include the use of photolithographic patterning of Cu2O,17 and 
electrodeposition of Si nanowires followed by generation of a catalyst layer.18 In these cases, a 
general strategy for applying the synthesis methods to a variety of materials is lacking. A summary 
of recent methods for the preparation of H2WO4, BiVO4 and TiO2, including synthesis time, 
advantages and disadvantages is shown in the Supporting Information Table S1. These examples 
underscore the opportunity for developing methods capable of creating complex photocatalytic 
materials with high throughput and in a timely manner.  
 Discussed in Chapter 3 was the utilization of photoelectrochemistry to facilitate the 
production of H2O2. Some of the future work in Chapter 3 outlined methodology to discovering 
new electrocatalysts for the production of H2O2. Another side still needing optimization is the light 
absorber that provides the electrochemical potential to drive H2O2 formation. It is well accepted 
that the current state of the art photocatalysts for driving water splitting is not in the regime of 
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economic relevance for carrying out industrial scale processes. It is therefore of interest to the 
photoelectrochemical production of H2O2 that the preparation of photocatalyst is as economically 
feasible as possible. 
Here the utilization of the cathodic corrosion method19,20 is reported for the preparation of 
metal oxide and mixed metal oxide photocatalysts. This method has shown the potential to prepare 
metal and metal alloy nanoparticles with high morphological homogeneity and well-defined 
composition.19-21 Additionally, it has the capability to modulate particle size and shape by means 
of versatile adjustments of the potential waveform applied to the electrode. An early report 
demonstrated that the cathodic corrosion method can be used in the preparation of TiO2 
nanoparticles. However, these nanomaterials were used as support for Au nanocatalyst and not 
directly as a photoactive material.22 Since the method does not require the utilization of organic 
solvents, surfactants, or capping ligands, metal nanocatalysts produced through this method have 
shown extraordinary catalytic activity.21 In this report, the utility of cathodic corrosion is 
demonstrated as a synthetic method to prepare complex oxide nanoparticles of H2WO4, TiO2, and 
BiVO4 with unprecedented simplicity and particle size homogeneity. All of the syntheses were 
done on the order of minutes, making this method far superior in terms of time to any of the more 
commonly used synthetic methods for preparing nanoparticulate photocatalysts. In addition, the 
control achieved over the crystallinity of the H2WO4 and BiVO4 nanoparticles is indicative that 
such control could be also achieved on other metal oxides by changing electronic parameters such 
as amplitude or frequency of the AC wave, or by changing chemical parameters such as 
concentration or nature of the cation. 
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5.3. Experimental 
5.3.1. Synthesis and characterization of particles 
 The method by which these particles were synthesized is summarized in Figure 5.1. For 
the synthesis of H2WO4 particles, 2.5 mm of a tungsten wire (diameter of 0.127 mm, Rembar Co. 
LLC, USA) was submerged in a 1 M solution of KHSO4. A square wave voltage in the range of 0 
V to -10 V was applied between a W wire (working electrode) and a high surface area Pt foil 
(counter electrode) resulting in the instantaneous formation of the nanoparticles. The TiO2 
nanowires were prepared with a 0.2 mm diameter titanium wire that was subjected to an AC square 
wave in the range of 0 V to -10 V with a frequency of 100 Hz while immersed in a 10 M NaOH 
solution. The BiVO4 nanoparticles were synthesized using a vanadium wire with diameter of 0.15 
mm (99.8 % Alfa Aesar). This wire was immersed in 10 mL of a mixture (1:1 by volume) of 
saturated CaCl2 solution and MilliQ water (Elga, 18.2 MΩ cm, 1 ppb total organic carbon), in 
which 750 µL of a saturated Bi2O3 solution was subsequently added. The synthesis was 
successfully achieved by applying a square wave voltage in a range of -8 V to 2 V. In each of the 
syntheses, current and time was monitored using a National Instruments DAQ module (NI-6211). 
Once synthesized, the resulting suspensions of nanoparticles were centrifuged at 3000 rpm for 20 
minutes and suspended in ElgaPure water to remove the excess electrolyte. UV-vis spectroscopy 
was employed to elucidate species present in KHSO4 solution immediately after cathodic corrosion 
of W wire and in the resultant supernatant solution after centrifugation at 4000 RPM for 3 minutes, 
using a Varian Cary 50 UV-Vis Spectrophotometer. 
 The crystal structures of the prepared particles were determined using a BRUKER D2 
Phaser powder X-ray diffractometer operating at 30 kV, 10 mA and a Co-Kα (0.179 nm) radiation 
source. The X-ray diffraction (XRD) data are reported on a 2θ angle scale of a Co-Kα radiation 
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source for an appropriate comparison with values from the JCPDS database. The samples were 
prepared by depositing 25 µL of the aqueous nanoparticle suspensions on a zero background SiO 
(MTI) holder and dried under air atmosphere.  
 The particle size distribution and shape of the particles were determined by transmission 
electron microscopy (TEM) using a JEOL JEM 1200 EX MKI instrument and the particle 
thickness was determined by contact mode atomic force microscopy (AFM), obtained under 
ambient pressure and temperature conditions, using an AFM microscope Veeco metrology, 
equipped with a NanoScope IIIa controller and using a 200 µm cantilever with a pyramidal silicon 
nitride tip (spring constant 0.12 Nm-2). Compositional analysis was determined by X-ray 
fluorescence (XRF) using a Bruker S8 Tiger 4 kW spectrometer under a helium atmosphere. The 
particle morphology and composition were confirmed by scanning electron microscopy (SEM) in 
a JEOL 2100 Scanning electron microscope instrument coupled with energy dispersive X-ray 
spectroscopy (EDX).  
5.3.2. Photoelectrochemical measurements 
In order to study the photoactivity of the particles, they were first integrated into a photoelectrode. 
The suspended particles were drop cast in volumes of 20 µL onto an indium tin oxide (ITO) cover 
slip (SPI Instruments 15-30 Ω). Next, 100 µL of 5 wt% Nafion® perfluorinated resin solution 
(Sigma Aldrich) were spun-cast onto the particles at 1200 rpm for 3 minutes to prevent the particles 
from detaching from the ITO when immersed in solution. Electrical connection was made to the 
ITO slide by using copper tape (3M Electrical Products). In the case of BiVO4, particles were drop 
cast as 3 layers of 20 µL to increase the overall particle concentration on the surface of the ITO 
cover slip. The photoelectrochemical and scanning electrochemical microscopy (SECM) 
measurements were carried out in a custom made 3 mL Teflon cell and the potential of the 
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photoelectrodes was controlled via either CHI760E or 920D workstations (CHI Instruments) in a 
three-electrode setup. The reference electrode used was a Ag/AgCl (3 M KCl) with a NaClO4 agar 
salt bridge and all potentials reported are versus Ag/AgCl unless otherwise stated. The counter 
electrode was 1 mm diameter Pt wire. All measurements were performed in 0.1 M NaOH under 
illumination from a 6258 Oriel Xe lamp. Incident photon-to-electron conversion efficiency (IPCE) 
spectra were taken by filtering this source using a Newport Oriel 1/8m Cornerstone 
monochromator. 
5.4. Results and discussion 
 The reaction mechanism of the cathodic corrosion method for the formation of the 
nanoparticles proceeds via the formation of the metal anion stabilized by the cations, other rather 
than protons, present in the solution. In order to confirm this reaction mechanism in the formation 
of the tungsten nanoparticles via cathodic corrosion, a tungsten wire was immersed in a solution 
of 0.1 M H2SO4 and a AC wave form between 0 and -10 V with a frequency of 100 Hz was applied 
during 120 s. Under these conditions, only hydrogen evolution was observed (see video S1 in 
supporting information). In contrast, when the same AC wave form conditions were applied in a 
solution containing 1 M KHSO4, the reaction resulted in an aqueous nanoparticle dispersion (see 
video S2 in supporting information). Given that the electrochemical conditions are identical and 
the pH in both solutions is similar, it is conclude that the presence of the metal cation is requisite 
for the formation of the nanoparticles and therefore the cathodic corrosion is the dominant reaction 
mechanism. Furthermore, it is proposed that the formation of tungsten metallic nanoparticles 
proceed via the formation of an anion intermediate stabilized by the cation in solution and the 
oxidation of this intermediates to tungsten nanoparticles. The tungsten nanoparticles are prompt to 
oxidation in water,23 resulting in the formation of WO2 and subsequently to WO3 and H2WO4.24 2 
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In a similar fashion, previous work has shown the synthesis of SnO2 nanoparticles via two-step 
process involving the cathodic corrosion.25 The formation of BiVO4 nanoparticles are proposed to 
proceed via the formation of a multimetallic anion intermediate (BiV)-n on the surface of the 
vanadium upon the reduction of the Bi+3 similar to the reaction mechanism proposed for the 
formation of PtBi nanoparticles.21 However, there still is the possibility that the positive potential 
applied during the square wave program influences in the reaction mechanism and geometry of 
the nanoparticles. 
 A freshly prepared solution was analyzed and its supernatant via UV-Vis in order to discard 
the presence of ionic W species. As can be seen in Figure 5.8, the spectra of the freshly prepared 
solution show one broad adsorption band between 200 nm and 400 nm, associated to the presence 
of WO2/WO3 colloidal nanoparticles. After the nanoparticles were centrifuged, the supernatant did 
not show any adsorption band. Therefore, the presence of dissolved cationic tungsten species was 
discarded.  
5.4.1. Morphological characterization 
 After the synthesis of the nanoparticles of H2WO4 and BiVO4 by cathodic corrosion, their 
crystal structure, composition, and particle size were studied by XRD, SEM/EDX, and TEM as 
shown in Figure 5.2, and by XRF as shown in Figure 5.11. XRD patterns for representative H2WO4 
particles obtained at a frequency of 100 Hz are shown in Figure 5.2A. The 2θ angle at 14.8 
indicates a preferential orientation along the (010) plane (JCPDS no. 18-1420). In the case of 
H2WO4, a colloidal suspension was always observed after cathodic corrosion, although the XRD 
pattern exhibited an evolution in time, as shown in Figure 5.9. The SEM/TEM images of the 
H2WO4 shows presence of H2WO4 nanorods/nanoplates with homogenous size and consistent 
shape (Figure 5.2B). The particle size distribution (Figure 5.12) was found to be 2.7 ± 0.2 µm in 
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length and 0.5 ± 0.1 µm in width. In addition to the particle size obtained by TEM and SEM 
measurement, the AFM measurements (Figure 5.13) have shown that the H2WO4 nanoparticles 
have 61±10 nm height. One of the most interesting aspects that was found for the cathodic 
corrosion synthesis of H2WO4 was its versatility for controlling the size and shape of the particles. 
Even though, the control on the size and shape has been probed for the synthesis of platinum 
nanoparticles,26,27 the control of the size and shape of metal oxides open a new dimension of 
application of these materials. Until now, such control was limited by the application of high 
temperatures during the synthesis protocol and due to harsh conditions used to clean the capping 
materials and surfactants. As shown in Figure 5.3, the shape and size of the nanoparticles was 
tuned by simply changing the frequency of the square wave voltage. Choosing this external input 
allows us to change the size of the H2WO4 by an order of magnitude from hundreds of nanometers 
to few microns (Figure 5.3).  
 Figure 5.2C shows the X-ray pattern of the BiVO4 nanoparticles which indicates the 
presence of (040) preferential orientation (JCPDS no. 14-0688). The SEM/TEM images show star-
like shape nanoparticles with homogenous size of 1.1 ± 0.1 µm. The AFM cross section of the 
BiVO4 nanoparticles (Figure 4.13) shows that the particles are 35±12 nm height. The composition 
of the BiVO4 nanoparticles was confirmed by XRF and EDX analysis (Figure 5.11). Synthesis of 
BiVO4 has demonstrated the capabilities of the cathodic corrosion method to prepare complex 
oxides by the addition of solution-phase components in the synthesis media. Future work will 
contemplate the control of the particle size, shape and composition as a function of chemical and 
electrochemical parameters such as amplitude and cation concentration. Although it is difficult to 
estimate the Faradaic yield for any of the samples prepared, the obtained powders exhibited only 
slight amounts of the V2O5 phase, displaying largely the correct crystal structure for BiVO4.28,29 
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Finally, the characterization by TEM of the TiO2 nanoparticles is presented in Figure 5.4. The size 
of the TiO2 nanowires was approximately 500-800 nm in length and 4-8 nm in diameter. Despite 
the morphological conservation among the TiO2 nanowires, there was no periodic crystal structure 
which resulted in the absence of any XRD pattern. 
 Under the conditions presented here the rate of formation of particles was the highest for 
the H2WO4, taking approximately 60-100 s to etch 2.5 mm of wire (Figure 5.14). The BiVO4 took 
a similar time of 100-160 s to etch 2.5 mm of wire, and the TiO2 took a longer time of 250-320 s 
to also etch the same amount of wire. The nanoparticles are collected by centrifugation as described 
in the experimental section after etching 5-7.5 mm of the wires and it was observed that quantities 
on the order of milligrams could be produced from all samples. Yields of 38±9 %, 61±7 % and 
66±10 % have been achieved for H2WO4, BiVO4 and TiO2. Losses in mass of the nanoparticles 
take place during the synthesis process by attachment of the nanoparticles to the counter electrode 
and during the process of centrifugation and removal of the excess of electrolyte. It has been also 
observed that TiO2 nanoparticles lack in stability in the NaOH solution, therefore a quick washing 
procedure is required to avoid major losses due to dissolution of the TiO2 nanoparticles. 
 Because of the different synthesis conditions and varying sizes of the metal wires, it is 
difficult to draw comparisons between each of the nanoparticles. Despite the successful 
preparation of oxide particles from various parent metals, there are several aspects yet to be 
understood about the cathodic corrosion method applied to these samples, including the etching 
time and its relationship with the resulting particle size and crystallinity of the sample. The changes 
in size and shape are potentially influenced by the concentration of intermediate species (anionic 
and/or metallic) in solution. This intermediate species concentration is modified by changes in the 
frequency and amplitude of the applied waveform, as well as by the stabilizing cation 
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concentration in solution (here, K+). Similar changes in size and shape were also observed during 
the formation of Pt, Au and Rh nanoparticles as a function of these factors.26,27,30 Furthermore, it 
is plausible that the kinetics of nanoparticle oxidation (WWOx) will be affected by the size of 
the particles generated after cathodic corrosion.23 In addition, other factors such as changes in zeta 
potential may occur. Therefore, it is postulate that differences in nanoparticle shape and size are 
induced by chemical processes that take place after the electrochemical etching step, but that 
nonetheless are a product of the chosen cathodic corrosion parameters. 
 Other than the frequency of the waveform, other parameters are under investigation that 
govern the etching time, size, shape, and composition of the particles. Currently our groups are 
studying the effect of electrolyte composition and potential thresholds during cathodic corrosion 
on particle size and shape and this will be subject of a forthcoming publication.  
5.4.2. Electrochemical characterization 
 Chopped light linear sweep voltammetry was used to determine the relative activation of 
the particles towards water oxidation and is shown in Figures 5.5A and B. Due to the relatively 
low surface coverage and the Nafion® partially covering some of the particles, the photocurrent 
density scale is fairly low for the H2WO4/ITO, BiVO4/ITO, and TiO2/ITO electrodes. However, 
as a reference point unsintered semiconductor particle films yield photocurrents on the order of 
A cm-2.31 The H2WO4 and TiO2 particles, prepared with a square wave function at 100 Hz, 
yielded photocurrent values on the same order of magnitude, and the BiVO4 resulted in the lowest 
activity. The photocurrent shown by TiO2 nanowires, despite having no defined crystal structure, 
is strongly suggestive of a mixture of photoactive crystal domains. As stated earlier, the 
crystallinity of nanoparticles may be dependent on the rate of corrosion, and if so, then it is 
hypothesized that highly crystalline TiO2 photocatalysts can also be prepared. Despite the higher 
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crystallinity of the obtained samples for BiVO4, its low activity toward water oxidation has been 
well-documented,32,33 where the addition of Na2SO3 acting as a hole scavenger improved the 
current magnitude significantly. As shown in Figure 5.5C, the presence of Na2SO3 increased the 
photocurrent of BiVO4 to be comparable to the H2WO4 nanoparticles and TiO2 nanowires. This 
demonstrates that these photocatalysts all possess relatively similar activity so long as they are 
carrying out a kinetically facile reaction – sulfite oxidation in the case of BiVO4. Successfully 
demonstrated here is the preparation of photoactive BiVO4 particles through cathodic corrosion, 
but the challenge remains to fabricate BiVO4 that is highly active toward water splitting. This will 
most likely be enabled through the inclusion of dopants in solution during the synthesis that are 
known to enhance the adsorption and interfacial charge transfer kinetics between BiVO4 and H2O 
to form O2.34,35 
 Chronoamperometry of H2WO4 and BiVO4 nanoparticles was utilized to investigate the 
presence of transient processes upon illumination. In the case of H2WO4, there is an initial decrease 
in current under illumination at high activation (Figure 5.6A). This decrease in current is likely 
due to charge recombination in the H2WO4 particles. This current transient is not observed for 
BiVO4 and is likely due to the size difference between the particles. The H2WO4 particles are 
larger than the BiVO4, which results in longer distances for holes to reach the surface. Since the 
BiVO4 particles are much smaller than the H2WO4 particles, there is no observable charge 
recombination occurring. While seemingly detrimental to photocatalyst performance, this 
recombination is not too concerning since it only occurred at large applied biases.  
 The spectral response of the obtained particles was then measured. Figure 5.6C shows the 
chopped chronoamperometry with the BiVO4 particles under illumination through a 405 nm cutoff 
filter. It was observed that the BiVO4 retained about half of the current density when only 
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illuminated with visible light. Chopped chronoamperometry under visible light was also collected 
for the H2WO4 particles, but large activity was not observed (Figure 5.16) due to the relatively 
small amount of visible light that H2WO4 can be expected to absorb. It is hypothesized that 
cathodic corrosion could also be used to incorporate dopants for increasing the visible light 
response of the resulting nanoparticles. Certain dopants have already been shown in the literature 
to red shift the band edge of WO3,36-38 and could bolster the visible activity of H2WO4 particles. 
 Because crystalline BiVO4 and H2WO4 particles absorb some portion of visible light, an 
IPCE spectrum was obtained for each to determine the wavelength cutoff of their band edges 
(Figure 5.7). A spectrum was acquired for each in the presence and absence of Na2SO3, which 
acted as a hole scavenger. The IPCE spectra for the H2WO4/ITO shows a cutoff around 440 nm, 
which is similar to what is expected for an electrodeposited film of H2WO4.12,39 It also shows very 
slight differences in the presence of a hole scavenger, thus suggesting that interfacial charge 
transfer is not limiting in these particles. Additionally, the IPCE for H2WO4 shows a marked 
increase from 550 nm to 650 nm, which may be due to the presence of defects in the crystal 
structure. 
 These defects reside at an energy in between the conduction and valence band, which 
results in electrons occupying these states to be excited by longer wavelengths of light.40,41 In the 
absence of a hole scavenger, a poor IPCE spectrum was obtained for BiVO4, which is due to very 
slow reaction kinetics to carry out water oxidation. In contrast, upon addition of Na2SO3, the IPCE 
for the BiVO4 particles showed a band edge around 510 nm, which corresponds well with what 
has been reported in the literature.28,29 Altogether these measurements confirm the ability of the 
cathodic corrosion method to yield photoactive metal oxides with unique morphologies using a 
simple synthetic approach. 
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5.5. Single particle O2 collection 
 To determine the photocatalytic activity of individual nanoparticles, SECM was utilized. 
These experiments were only done with the WO3 particles because the BiVO4 required the addition 
of sulfite for appreciable activity. This acted as an interference to O2 detection in an SECM setup. 
Prior to collecting O2 produced from a single particle, the surface was imaged to first determine 
the position of the particles. To acquire these images, the SECM probe (Pt UME ~800 nm radius) 
was held at a potential suitable to reduce O2 (-0.5 V vs. Ag/AgCl in pH 13) and was scanned over 
the ITO substrate with WO3 particles. This was done in the presence and absence of illumination 
to generate a background subtracted image, which is the resulting image shown in Figure 5.17. 
After locating the particles on the substrate, the Pt UME was positioned over the particle and 
poised at the same potential to reduce O2. While this chronoamperogram was being recorded, UV-
visible light was modulated to activate and deactivate the WO3 particle. This resulted in the steady 
state current of the UME to become more cathodic due to a larger concentration of O2 being 
produced by the particle. The resulting chronoamperograms are showing in Figure 5.18. To 
confirm this signal was due to the particle producing O2, the same experiment was performed with 
the UME raised well above the surface (25 µm) and at no applied substrate bias. From the 
chronoamperogram in 5.18A, the rate of O2 formation by the WO3 particle can be quantified to be 
104.3 ± 7.63 µmol s-1 m-2. 
5.6. Conclusion 
 Shown here for the first time is the application of cathodic corrosion to produce metal 
oxides and mixed metal oxide nanoparticles with an outstanding homogeneity of particle size and 
shape. All of the particles studied here were made on the order of minutes, which greatly improves 
upon standard photocatalyst nanoparticle synthesis procedures. Amorphous TiO2, and crystalline 
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H2WO4 and BiVO4 nanoparticles were prepared with preferential crystallographic orientation 
starting from the base metal as the reactant. In all cases, it was observed the successful 
incorporation of oxygen the lattice as confirmed via XRD and EDX. It was also illustrated for 
H2WO4 that the frequency of the excitation waveform can greatly impact the particle size. The 
cathodic corrosion method can be very easily modified to produce particles with a variety of sizes. 
In addition, the successful preparation of BiVO4 underscores the exciting possibilities for the 
synthesis of multi-metallic oxides and the incorporation of dopants using simple solution 
precursors. Although the TiO2 did not possess a high degree of crystallinity, it was nonetheless 
photoactive toward water oxidation. The H2WO4 and BiVO4 both were crystalline, and H2WO4 
carried out water oxidation under illumination. The BiVO4 prepared with cathodic corrosion was 
not able to appreciably carry out water splitting, but displayed facile conversion of sulfite under 
both UV-vis and visible only illumination. This ability for BiVO4 to effectively facilitate 
photochemical oxidation of sulfite under only visible light was displayed through chopped light 
chronoamperometry and the obtained IPCE spectrum. Future work will investigate alternatives to 
adhering particles to a surface that do not alter morphology or crystal orientation.42,43  
 The potential of the cathodic corrosion method was demonstrated for the straightforward 
synthesis of particles with well-defined morphology and composition. This creates opportunity in 
the low-cost production of large quantities of processable particles that can streamline the 
preparation of efficient electrodes for photocatalysis. The cathodic corrosion method is prompt for 
industrial scale up: the method avoids large volumes of organic solvents and the ensuing large 
investments in heating and cleaning treatment and safety and disposal issues. Finally, the time of 
synthesis of the catalyst is an important parameter to consider for further industrial applications. 
While other methods might require several hours or days of preparations, it is shown here the time-
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effectiveness of the method to prepare particles in minutes. There is still much work to be done 
toward the effect that various parameters such as etching time or solution composition have on the 
resulting particles. Despite this, cathodic corrosion was shown here to be a facile alternative 
method for producing metal oxide nanoparticles. 
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5.8. Figures and table 
Figure 5.1 Schematic depicting how cathodic corrosion was used to prepare H2WO4, TiO2, and 
BiVO4 photocatalysts.  
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Figure 5.2 X-ray diffraction patterns and SEM images of (A, B) H2WO4 and (C, D) BiVO4. The 
insets on the SEM images correspond to the HR-TEM images of the nanoparticles. 
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Figure 5.3 TEM images and schematic of the H2WO4 particles prepared by cathodic corrosion in 
a 1 M solution of KHSO4 with a square wave voltage between 0 V to -10 V and different 
frequencies (A) 10 Hz, (B) 100 Hz and (C) 1000 Hz. 
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Figure 5.4 TEM of TiO2 nanoparticles prepared by cathodic corrosion from a Ti wire in a 10 M 
NaOH solution using an AC square wave between -10 and 0 V with 100Hz frequency. 
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Figure 5.5 Chopped light linear sweep voltammograms of the nanoparticulate photocatalysts 
prepared through cathodic corrosion. A) Linear sweep voltammogram for TiO2 in 0.1 M NaOH. 
B) Linear sweep voltammogram for the 100 Hz H2WO4 and BiVO4 particles in 0.1 M NaOH. C) 
The same experiment shown in A repeated for BiVO4 in 1 M Na2SO3. 
  
 152 
 
 
Figure 5.6 Photocurrent as a function of potential for the H2WO4 (A) and BiVO4 (B) particles, 
respectively, prepared via cathodic corrosion. The chronoamperometry in (C) is the same BiVO4 
particles being illuminated with only visible light. Measurements were taken in 1 M Na2SO3 for 
BiVO4 and 0.1 M NaOH for H2WO4 and both were illuminated with 60 mW/cm2 for the 
chronoamperometry experiments. 
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Figure 5.7 IPCE spectra for the H2WO4 (A) and BiVO4 (B) particles depicting an appropriate band 
edge for each. Measurements were taken in 0.1 M NaOH with and without 1 M Na2SO3. 
  
 154 
 
Table 5.1 Summary of the recent protocols for the synthesis of H2WO4, WO3, BiVO4 and TiO2 
particles. 
Material Synthetic Method Reactants Notes About Synthesis Reference 
H2WO4 
nanotubes 
Solvothermal WCl6,  
 
Urea  
 
Ethanol 
12 h reaction time at 
180 oC 
 
 
Dried at 60 oC for 12 h 
 
44 
WO3 
nanoparticles 
Reverse 
microemulsion 
method 
Tungsten 
isopropoxide  
 
 
Triton X-100 
(surfactant) 
 
 
n-heptane 
Aging step took 4-96 h 
 
200-500 oC heat 
treatment for 2 h 
 
Post-treatment: the 
nanoparticles were first 
heated to 300 °C in air 
for 1 h to remove 
residual organics 
followed by a heat 
treatment under flowing 
pure H2 or a mixture of 
H2/N2 (1:5 v/v) at 
temperatures between 
500 and 650 °C 
 
 
No morphology control 
 
 
 
45 
BiVO4 thin 
film 
Metal organic 
decomposition 
Bismuth nitrate 
hexahydrate 
 
Vanadyl 
acetylacetonate 
 
~10 h annealing at 500 
oC,  
 
No morphology control 
46 
Nanoporous 
BiVO4 
Electrodeposition/ 
solvothermal 
BiOI 
 
Vanadyl 
acetylacetonate 
 
2-step Electrodeposition 
method 
 
Calcination process at 
450 oC for 2 h,  
 
 
No size and 
morphology control 
47 
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Table 5.1 (cont.) 
TiO2 nanorods Solvothermal TiF4, 
 
2-propanol, 
 
HF 
Calcination at 180 oC for 
5.5-44 h 
 
Fluoride removal 
requires further heating 
to 600 oC for 1.5 h 
 
34.8% yield of anatase 
TiO2 
 
48 
TiO2 nanorods Sol-gel Oleic acid 
 
Oleylamine  
 
Titanium 
isopropoxide 
 
CTAB 
~4 h reaction time at 
80°C - 260 °C. 
 
 
Multiple purification 
steps including 
centrifugation with 
cyclohexane 
 
Monodisperse 
 
Very good morphology 
control 
49 
H2WO4 Cathodic 
corrosion 
W wire 
 
K2SO4 
 
Water 
Reaction time < 2 min 
 
Room temperature 
 
Control on size and 
shape 
 
This 
work  
BiVO4 Cathodic 
corrosion 
V wire 
 
Bi2O3 
 
CaCl2 
 
Water 
 
Reaction time < 2min 
 
Room temperature 
 
This 
work 
TiO2 Cathodic 
corrosion 
Ti wire 
 
NaOH 
 
Water 
Reaction time < 2min 
 
Room temperature 
 
 
This 
work 
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Figure 5.8 UV–Vis absorption spectra of freshly prepared WO2/WO3 samples in KHSO4 solution 
(red line) and supernatant KHSO4 solution after centrifugation at 4000 RPM for 3 minutes (dashed 
blue line). The UV-Vis adsorption spectra of the KHSO4 solution has been also included (dotted 
black line).  
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Figure 5.9 (A) XRD pattern of H2WO4·H2O (blue lines; JCPDS database no. 18-1420) and 
WO3·H2O (red lines; JCPDS database no. 43-0679) and XRD patterns of WOx nanoparticles as a 
function of the ageing time in water (B) freshly prepared (C) after 24 hours (D) after 96 hours.  
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Figure 5.10 TEM images of H2WO4 nanoparticles prior (A) and after (B-D) ultrasonic bath 
treatment. The red circles indicate the areas affected by the use of the ultrasonic bath.  
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Figure 5.11 (A) XRF spectrum of BiVO4 nanoparticles; red and blue lines indicate V and Bi 
content, respectively (B)EDX spectrum of BiVO4 nanoparticles. Quantitative analysis reveals 
nanoparticle composition to be 56:44 (XRF) and 58:42 (EDX) for Bi:V content. 
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Figure 5.12 Particle size distribution of (A) H2WO4 and (B) BiVO4 obtained from TEM 
measurements accordingly. The relative abundance of each particle size was calculated from a 
total of >150 nanoparticles. 
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Figure 5.13 Cross section of a AFM measurement over a single (A) H2WO4 nanoparticle and 
(B)BiVO4 nanoparticle.  
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Figure 5.14 Snapshots at different timepoints during the cathodic corrosion process. As the etching 
proceeds, a dark cloud of colloidal nanoparticles forms in solution immediately surrounding the 
metal wire. 
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Figure 5.15 Blank measurements were taken of an ITO cover slip with a thin layer of Nafion® 
spin coated onto it. The data suggest some photocurrent in the absence of any photocatalyst 
particles, but significantly less compared to an ITO slide with photocatalytic particles on it. A) A 
cyclic voltammogram in dark and a cyclic voltammogram in light showing very little difference 
when the sample was illuminated. B) A cyclic voltammogram in which the light was chopped, 
which also shows very little change in current in dark compared to when illuminated. C) 
Chronoamperometry that clearly depicts the low values of photocurrent for the blank sample. 
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Figure 5.16 When exposed to only visible light, the H2WO4 displayed much lower activity. This 
is due to the relatively high band edge for H2WO4 which results in poor conversion of visible light. 
Sample was biased to 0.85V vs Ag/AgCl. 
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Figure 5.17 Shown here is the background subtracted SECM image used to locate the position of 
a WO3 particle. This image was acquired at 0.6 V vs. Ag/AgCl (applied to the substrate) with the 
Pt UME held at -0.5 V vs. Ag/AgCl to reduce O2.  
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Figure 5.18 Chronoamperograms showing O2 collection over a single WO3 particle. Shown in (A) 
is the result when the particle is biased to 0.85 V vs. Ag/AgCl. When the light is turned on, the 
cathodic current of the UME increases due to O2 concentration increasing. B) This is the resulting 
signal when the UME is raised above the surface, which demonstrates that the signal observed in 
(A) is due to the particle producing O2. C) Shown here is the same experiment but without applying 
a bias to the particle, which acts as an additional control for (A) to confirm that the signal observed 
is due to the WO3 producing O2.  
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Chapter 6: 
Future work and outlook 
6.1. Abstract 
 The contents of this chapter are dedicated to ongoing pursuits in the laboratory as well as 
future research to explore. Each section is dedicated to a different area of research to be 
investigated further using the work presented in previous chapters as a foundation. The results and 
experiments presented here represent the potential beginnings of new research studies to be 
pursued by interested individuals. 
6.2. Utilizing SECM for catalyst discovery 
 The most immediate future experiments to perform is the high-throughput screening of 
electrocatalysts to apply to the catalytic systems studied in this dissertation. There is a large volume 
of work toward utilizing scanning electrochemical microscopy (SECM) to the ends of rapidly 
screening electrocatalysts.1-4 This same methodology can be employed here to discover new 
catalysts to be scaled up for use in direct synthesis. The advantages of SECM based methods is 
that very small amounts catalyst materials and solvent is required to perform these high-throughput 
measurements. Catalyst screening via thermal catalytic methods is less attractive due to the 
reactors used in thermal catalyst require large quantities of both catalyst and solvents. The 
materials design principles outlined here can be used to guide what type of catalysts are screened 
with SECM. To demonstrate this technique, catalyst spot arrays were prepared by using a 
microdroplet dispenser (CH Instruments 1550A) to dispense droplets (60 µm jetting device, 45 V 
pulse amplitude, 10 ms pulse period) of catalyst precursor material. The catalyst spot array shown 
here was composed of PdAu, and the precursor chemicals used were (NH4)2[PdCl6] and H2AuCl4. 
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These chemicals were dispensed in increasing atomic ratio of Au throughout the spot array, and 
atomic ratio was controlled through the number of droplets used to generate the spot. The resulting 
droplets were first dried in a tube furnace (150oC in Ar) and then annealed (550oC in H2) in order 
to reduce the precursor chemicals into their metallic form. The resulting array was screened via 
SECM to quantify ORR and HOR kinetics of each catalyst spot. The resulting SECM images are 
shown in Figure 6.1, and it is clear from these images that there is a distinct difference in each 
spot’s ability to activate H2. 
A COMSOL Multiphysics 4.4 simulation was utilized in order to extract more quantitative 
information from this system. The model details are shown in Figure 6.2. The geometry was built 
in a 2D axis-symmetric program, in which flux boundaries were set to mimic the formation and 
collection of H2O2. The boundary for the UME was set to consume H2O2 (formed at the substrate) 
at a rate equal to the Butler-Volmer expression shown below: 
FluxUME = k0�e−αf�E−E0� − e(1−α)f�E−E0��      (6.1) 
The flux boundary condition for the UME was also set to produce O2 at a rate equal and 
opposite to the rate at which H2O2 is being consumed. The flux boundary at the catalyst spot was 
set to a similar Butler-Volmer expression as equation 6.1 that represented the formation of H2O2 
from ORR. From these simulations, it is possible to extract catalyst spot selectivity toward H2O2 
formation as well as kinetic parameters (k0 and α) for HOR and ORR. The parameters for k0, α, 
and selectivity all determine the simulation results. After completing a screening experiment, the 
data collected over the catalyst spots of interest can be fit this COMSOL simulation to acquire 
what the approximate kinetic parameters and selectivity are. The same can be performed to 
determine HOR kinetics at each catalyst spot. In this case, the flux boundary conditions are Butler-
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Volmer expressions tailored to the HOR reaction (formation of H+ and consumption of H2). The 
increase in oxidation current as a function of increasing potential (to more positive values) can be 
fit with this simulation to acquire k0 and α, as is shown in Figure 6.3. 
6.3. Role of the support material in direct synthesis  
 The findings discussed in Chapter 4 lay the groundwork for a multitude of future studies 
in the area of H2O2 formation. Among these is the role the carbon supports play in direct synthesis 
of H2O2. It is well researched that catalysts prepared on carbon supports produce H2O2 at faster 
rates compared to the same catalysts prepared on electrochemically inactive supports (i.e. Al2O3, 
SiO2, etc.).5,6 This is believed to be due to a difference in acidity of the support relative to other 
commonly used materials. The research presented in Chapter 4 in this dissertation show a strong 
correlation between electrocatalysis and thermal catalysis, and it is well known that carbon is an 
effective electrocatalyst for forming H2O2 (Figure 6.4).7,8 Carbon materials are very selective to 
forming H2O2 via the 2-electron reduction of O2 but do so at rather high overpotentials. It is 
therefore likely that the carbon supports are activated to some extent in direct synthesis, but only 
contribute minimally to the rate of H2O2 formation due to small overlap in HOR and ORR activity. 
In fact, when deciding which carbon support to use in Chapter 4, Vulcan XC-72 was selected 
because it displayed very low activity. Other candidate support materials included Darco carbon, 
which displayed rather low overpotentials to carry out ORR, as is shown in Figure 6.5. Based on 
this information alone, it is not unreasonable to hypothesize that a catalyst comprised of Pt 
supported on Darco would display non-zero H2O2 selectivities. This is contrary to the well-known 
fact that Pt does not produce H2O2 with very high yields. When tested toward electrocatalysis, the 
Pt/Darco also exhibited fairly high ORR activity to produce H2O2. It is possible that the Darco is 
not innocent in the direct synthesis setup and is being activated to carry out ORR to form H2O2 
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while the Pt oxidizes H2. Additionally, it has been researched that the presence of metals on carbon 
materials can significantly lower overpotentials to carry out catalytic reactions such as ORR.5 
Therefore, while a carbon support with no catalyst might not be active enough to form H2O2 in 
direct synthesis, the presence of another metal could render the carbon to be much more 
catalytically active. This is an attractive idea from an economic standpoint, because carbon 
materials are intrinsically very selective toward the 2-electron reduction of O2 and are much easier 
to process than a precious metal catalyst. 
 Future research in this area could involve testing different Pt loadings and different carbon 
materials to utilize in direct synthesis. There are a multitude of studies in the literature regarding 
ORR on carbon, and there are several established strategies for lowering the overpotential for 
carbon to carry out ORR. Unfortunately, carbon still pales in comparison to precious metals in 
terms of HOR reactivity, but the addition of these metals in small weight loadings might not pose 
a significant economic barrier to utilizing such catalysts for direct synthesis. 
 A control experiment to be performed is to pack a trickle bed reactor entirely of a carbon 
support, (Vulcan, Darco, etc.) and quantify how effectively it forms H2O2. This, however, will 
likely result in poor H2O2 yields, as there is no component to activate H2. However, the inclusion 
of some metal that is able to activate hydrogen will also affect the carbon’s ability to activate 
oxygen. There is a fair amount of research in the electrocatalytic community that delves into the 
thermodynamic effects that metals have on carbon materials.9 For instance, in one study, ORR 
kinetics were quantified for graphene where some of the graphene was either deposited onto a 
metal (i.e. Pt, Au) or a SiO2. It was observed that the graphene that was deposited onto Au or Pt 
exhibited much faster kinetics toward ORR, which is hypothesized to be entirely due to 
thermodynamic effects.9 The same effects would be present on a direct synthesis catalyst that 
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contained trace amounts of some H2 activating metal on a carbon support. It is possible that 
catalysts such as this would produce H2O2 at high rates and with high selectivities. From an 
economic point of view, it would be of interest to utilize carbon since it is readily available and 
produces H2O2 with high yield. If this carbon-based catalyst were to be effective, there would be 
little reasoning behind rigorously preparing a metal alloy to produce the H2O2. 
6.4. Compartmentalization of direct synthesis 
 Because direct synthesis occurs via HOR and ORR being performed in concert on a single 
catalyst, it is certainly possible to split the two up into half-cells. This poses an interesting solution 
to possibly the biggest drawback in direct synthesis which is that H2 and O2 need to be mixed 
together. To avoid the danger of forming explosive mixtures, HOR and ORR could be performed 
in individual half-cells, similar to a fuel cell or electrodialysis experiment.10,11 In order to test this 
idea, the experimental setup discussed in Chapter 2 of this work was utilized to separate direct 
synthesis into half-cells (Figure 6.6). The HOR half-cell was comprised of a Pt wire in saturated 
H2 solution, while the ORR half-cell was comprised of Vulcan carbon deposited onto a glassy 
carbon substrate. The two half-cells were electrically connected with no applied bias, and after a 
brief period of time, H2O2 was detected at a Pt UME present in the ORR half-cell. This observation 
gives credence to the idea that an effective direct synthesis catalyst can easily be fabricated by 
simply depositing minute amounts of a metal that can activate H2 onto a carbon support. There is 
a great deal of research on the mechanism of H2O2 formation on carbons and several studies 
optimizing H2O2 formation to occur at relatively low overpotentials.7,12 Additionally, HOR 
catalysis is one of the most exhaustively researched areas of electrochemistry.13-15 This research 
can be used as a foundation in future work exploring the fabrication of catalysts to carry out direct 
synthesis in the most cost-effective way possible. Additionally, the results shown in Figure 6.4 and 
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6.5 show H2O2 formation on unaltered carbon. In direct synthesis, the H2 activating catalyst would 
be supported onto the carbon, and will thermodynamically affect its ability to activate O2, as 
discussed above. Ultimately, this result shows the utility in simply utilizing carbon materials as 
direct synthesis catalysts and can potentially eliminate the rigorous catalyst design procedures used 
to make traditional direct synthesis catalysts. 
 From an engineering point of view, the results from this work have strong implications on 
optimal cell design for a thermal catalytic system. The work here shows that the formation of H2O2 
is dependent on a catalyst mediating the electron transfer between H2 and O2. Therefore, there is 
no need for the two to be mixed together in a single reactor bed, and instead, they can be separated 
into two individual chambers similar a fuel cell. The only difference in this case would be that a 
typical fuel cell seeks to suppress H2O2 formation, while this direct synthesis type fuel cell would 
seek to form it. Naturally, there would need to be some variation in cell design from a traditional 
fuel cell, as H2O2 is known to degrade most ionic membranes that separate the chambers of the 
cell.16 It would be advantageous to utilize cell designs common to corrosion cells or bipolar 
membrane electrodialysis cells.11,17 These cells typically involve separating two chambers with an 
electrocatalytic membrane. In the case of forming H2O2, the membrane would be constructed to 
have one side coated with an HOR catalyst and the other with an ORR catalyst. An example of 
this reactor design is shown in Figure 6.3. In this design, the HOR and ORR were split up into 
half-cells, where H2 and O2 were bubbled into their respective half-cells. A Pt wire was shorted to 
a Au electrode, and it was observed that H2O2 was formed within seconds of introducing H2 to the 
HOR half-cell. The signal for H2O2 decreased when H2 and O2 were sequentially removed and the 
signal returned near to baseline upon removing gas flow entirely. This demonstration is a simple 
proof-of-concept that H2O2 can be formed in direct synthesis without the limitation of H2 or O2 
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concentrations. Regardless, this innovation in cell design for direct synthesis will undoubtedly lead 
to large improvements in its economic efficiency for producing H2O2, thus giving it a much larger 
degree of industrial relevance. 
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6.5. Figures 
 
 
Figure 6.1 SECM images of HOR (A) and ORR (B) over a catalyst array of varying PtAu 
compositions. This shows the importance of catalyst composition on catalytic reactivity towards 
H2 specifically. 
 181 
 
 
 
Figure 6.2 COMSOL simulation used to fit data collected from SECM images. The boundary 
conditions of the substrate are altered until the UME response (green boundary) matches what is 
acquired experimentally. This yields catalyst spot kinetic parameters (k0, α) as well as catalyst spot 
H2O2 selectivity. 
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Figure 6.3 Shown here is an example of COMSOL being utilized to fit tip current collected in 
ORR experiments (A) as well as substrate currents measured in HOR experiments (B). By fitting 
these data, kinetic parameters k0 and α as well as H2O2 selectivity are quantifiable (shown in 
legends in the plots).  
 183 
 
 
Figure 6.4 Shown here is RRDE data collected from a PdAu catalyst mounted on Vulcan and the 
bare Vulcan support. The nascent Vulcan support produces H2O2 at larger overpotentials and 
displays a small degree of overlap with the Vulcan support, albeit small.  
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Figure 6.5 Shown here is RRDE data for various carbon supports to demonstrate its non-innocent 
nature in ORR electrocatalysis. The Vulcan XC-72 carbon that was used in previous work in this 
presentation reduces O2 at fairly large overpotentials, but still displays some degree of overlap 
with the metal catalysts supported onto it. 
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Figure 6.6 A) Shown here is the experimental setup for compartmentalizing direct synthesis into 
a fuel cell type system. The half-cells used were a Pt containing cell saturated with H2 and a Au 
containing cell saturated with O2. The Pt and Au electrodes were connected through an external 
wire to allow electron flow. In (B) is the results of the Pt UME biased to collect any H2O2 produced 
from the Au electrode. An anodic signal arises from merely connecting the Pt and Au electrodes 
in the presence of H2 and O2, respectively. This signal decreases as the gas flow of either H2 or O2 
is halted, which gives strong support for the formation of H2O2.  
A 
B 
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